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Abstract 
 
Recycling CO2 back into fuels or other useful products is critically important to the 
global efforts to reduce greenhouse gases and global warming [1-3].  The electrochemical 
method is regarded as a promising means to do this because it has the advantage that 
water can be used as the proton source [4, 5]. However, the overpotential for electrolysis 
of water is low, whereas the overpotential of electrochemical conversion of CO2 is too 
high. Increasing the overpotential of water decomposition and lowering the overpotential 
of CO2 reduction is considered one of the grand challenges for catalysis.      
Choline based products are chosen as ideal electrolytes to achieve both hydrogen 
evolution reaction suppression and lowering of CO2 reduction overpotential of. 
Experiments combining both electrochemical methods and surface enhanced Raman 
spectroscopy (SERS) techniques obtain a fairly complete picture of hydrogen evolution 
reaction and CO2 reduction in choline products. 
Based on the experimental data, we have discovered that if we conduct CO2 
reduction in choline based quaternary ammonium salts, the overpotential decreases and 
the starting potential of hydrogen evolution increases. This can be contributed to the fact 
that amine from choline based electrolyte initiates the suppression of the hydrogen 
evolution reaction and also acts like a co-catalyst to stabilize intermediates of CO2 
reduction.  
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In particular, we discovered that:   
1. Choline based quaternary ammonium salts achieve hydrogen evolution reaction 
suppression because a thin layer of choline ions forms on the catalyst surface and 
blocks the protons from getting close to the surface. 
2. Different reaction products are forming during CO2 reduction in choline based 
electrolytes: CO mainly on gold, platinum and platinum/ruthenium; formic acid 
on palladium. 
3. CO2 reduction happens in a variety of catalysts with much lower overpotential 
because the thin layer of choline ions on the catalyst surface will form lower 
energy intermediates with CO2, which will make the carbon dioxide reduction 
process easier. 
4. Different anions in choline based electrolytes have little effect on CO2 reduction 
as well as hydrogen evolution reaction.     
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
iv 
 
Dedication  
 
To mum and dad 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
v 
 
Acknowledgement: 
 
I want to thank Dr. Richard I. Masel, my advisor. He introduced me to 
electrochemistry, surface chemistry and kinetics and catalysis, and got me thinking about 
energy. I also want to thank my Dissertation committee members, for their time and 
effort reviewing my Dissertation and Defense. 
I want to thank all my lab mates in Dr. Masel‘s research group. I want to thank to Dr. 
Zach Dunbar, who taught me all about fuel cells during my first year in graduate school. I 
also want to thank Dr. John Haan and Brian Rosen, who shared their knowledge of 
electrochemistry with me. I also want to thank Dr. Amin Salehi-khojin who gave me a lot 
of suggestions on my research. Thank you to everyone in the front office, Rob Morgan, 
Kevin Lin, Maryam Sayyah for such a helpful and enjoyable work environment. I also 
want to thank Nick Ndiege, Priya Desai, Hae-Kwon Jeong, Il-Whan Oh, Matt Luebbers, 
Chelsea Monty, Nick Londono, Tianjiao Wu, Linjuan Shen, Cody Jenson and Bogdan 
Gurau. I want to thank Mike Thorson and Devin Whipple from Professor Kenis‘ group 
for the useful discussion during our regular meetings. I want to thank Nicole Honesty, 
who is in Professor Gewirth‘s group, to help me to do the SERS experiments. Her 
patience and technical expertise was invaluable. I want to thank Dr. Leilei Yin from 
Beckman Institute, who is extremely kind and helpful in Micro-CT experiments for my 
master research. 
vi 
 
I would also like to acknowledge the excellent work by the SCS Machine Shop and 
SCS Glass Shop, without whom this project would have been impossible.  
In addition, I need to thank all my friends, many of whom have been mentioned 
above. Finally, I want to thank my family, for supporting me in basically every decision 
I‘ve ever made. 
This work was supported by the US Department of Energy under grant DE-
SC0004453. I would like to thank them for their generosity. The views expressed in this 
paper are those of the authors and do not necessarily represent the views of the US 
Department of Energy.    
 
 
 
 
 
 
 
 
 
 
vii 
 
Table of Contents 
 
Chapter 1 Introduction ............................................................................................ 1 
Chapter 2: Literature Review and Background Theory .......................................... 6 
2.1 Electrochemistry Background ....................................................................... 6 
2.1.1 Electrochemical System and Related ..................................................... 6 
2.1.2 Cyclic Voltammetry ............................................................................. 10 
2.1.3 Chronoamperometry ............................................................................ 12 
2.2 Electrochemical Reactions of Carbon Dioxide Conversion ....................... 14 
2.2.1 Hydrogen Evolution Reaction.............................................................. 15 
2.2.2 General Discussion of Carbon Dioxide Conversion ............................ 18 
2.2.3 Electrochemical Conversion of Carbon Dioxide in Aqueous System . 26 
2.2.4 Electrochemical Conversion of Carbon Dioxide in Non-aqueous 
Solution ..................................................................................................................... 32 
2.3 Surface Enhanced Raman Spectroscopy (SERS) ....................................... 39 
2.3.1 Physical Principle of SERS .................................................................. 39 
2.3.2 SERS Research Application ................................................................ 45 
2.4 Figure .......................................................................................................... 50 
Chapter 3: Statement of Purpose ........................................................................... 58 
Chapter 4: Experimental Apparatus and Procedure .............................................. 61 
4.1 Electrochemical Cell ................................................................................... 61 
4.1.1 Three-electrode Glass Cell ................................................................... 61 
4.1.2 Working Electrode ............................................................................... 62 
4.1.3 Counter Electrode................................................................................. 62 
4.1.4 Reference Electrode ............................................................................. 63 
4.2 Electrochemical Cell Setup ......................................................................... 63 
4.2.1 Preparation of Catalysts on the Working Electrode ............................. 63 
viii 
 
4.2.2 Platinization of the Counter Electrode ................................................. 65 
4.2.3 Calibration of the Reference Electrode ................................................ 65 
4.2.4 Electrolytes Used in the Electrochemical Cell ..................................... 67 
4.3 Typical Electrochemical Experiment Procedure ......................................... 67 
4.3.1 Cyclic Voltammetry ............................................................................. 67 
4.3.2 Chronoamperometry ............................................................................ 69 
4.3.3 Stripping Experiment ........................................................................... 69 
4.4 Typical SERS Experiment Procedure ......................................................... 71 
4.4.1 SERS Experiment Preparation and Setup ............................................ 71 
4.4.2 Electrochemical Surface Enhanced Ramen Spectroscopy ................... 73 
4.5 Figures ............................................................................................................. 75 
 
Chapter 5 Monolayer of Choline Ion Can Suppress the Hydrogen Evolution 
Reaction and Enhance the Desired Reactions ................................................................... 77 
5.1 Introduction ................................................................................................. 77 
5.2 Experimental Section .................................................................................. 79 
5.2.1  Materials ............................................................................................. 79 
5.2.2 Instruments ........................................................................................... 80 
5.2.3 Cyclic voltammetry .............................................................................. 80 
5.2.4 Calibration of the reference electrode .................................................. 81 
5.2.5 Chronoamperometry ............................................................................ 83 
5.2.6 SERS Spectra ....................................................................................... 83 
5.3 Results and Discussion ............................................................................... 84 
5.3.1  Hydrogen evolution reaction suppression ........................................... 84 
5.3.2 Tests to examine the effect of choline chloride on the formic acid 
electro-oxidation ....................................................................................................... 87 
5.3.3   Chronoamperometry .......................................................................... 88 
5.3.4 SERS .................................................................................................... 89 
5.4  Discussion .................................................................................................. 90 
5.5 Conclusion .................................................................................................. 92 
5.6 Acknowledgement ...................................................................................... 92 
ix 
 
5.7 Figures......................................................................................................... 93 
Chapter 6: Carbon Dioxide Conversion in Choline Chloride with Lower 
Overpotential ................................................................................................................... 103 
6.1 Introduction ............................................................................................... 103 
6.2 Experimental Section ................................................................................ 104 
6.2.1 Catalyst materials ............................................................................... 104 
6.2.2 Instruments ......................................................................................... 105 
6.2.3 Cyclic voltammetry ............................................................................ 106 
6.2.4 Electrochemical identification of the reaction products ..................... 106 
6.2.5 SERS Spectroscopy ............................................................................ 107 
6.3 Results and discussion............................................................................... 109 
6.3.1 Lowering the Overpotential for Carbon Dioxide Reduction with 
Different Catalyst .................................................................................................... 109 
6.3.2 Electrochemical Identification of Carbon Dioxide Reduction Products
................................................................................................................................. 111 
6.3.3 SERS Identification of Carbon Dioxide Reduction Products ............ 112 
6.4 Conclusion ................................................................................................ 115 
6.5 Acknowledgement..................................................................................... 116 
6.6  Figures...................................................................................................... 117 
Chapter 7 Effect of Different Anions in Choline Based Electrolyte on Hydrogen 
Evolution Reaction and Carbon Dioxide Reduction ....................................................... 127 
7.1 Introduction ............................................................................................... 127 
7.2 Experiment ................................................................................................ 129 
7.2.1 Catalyst materials ............................................................................... 129 
7.2.2 Instruments ......................................................................................... 130 
7.2.3 Calibration of the reference electrode ................................................ 131 
7.2.4 Cyclic voltammetry ............................................................................ 131 
7.2.5 SERS Spectroscopy ........................................................................... 132 
7.3 Results ....................................................................................................... 133 
7.3.1  Experimental measurement of RHE vs Ag/AgCl electrode ............. 134 
x 
 
7.3.2  HER and CO2 reduction with gold catalyst ...................................... 135 
7.3.3  HER and CO2 reduction with Platinum catalyst ............................... 136 
7.3.4  HER and CO2 reduction with Palladium catalyst ............................. 137 
7.3.5  SERS experiment with choline acetate and gold catalyst ................. 138 
7.4 Discussion ................................................................................................. 138 
7.5 Conclusion ................................................................................................ 140 
7.6 Acknowledgement .................................................................................... 140 
7.7 Figures....................................................................................................... 142 
Chapter 8 Conclusion and Recommendations .................................................... 156 
8.1 Conclusion ................................................................................................ 156 
8.2 Recommendations ..................................................................................... 158 
Appendix A Experiment protocol ....................................................................... 160 
References ........................................................................................................... 168 
Author‘s Biography ............................................................................................ 186 
 
 
 
 
 
1 
 
    Chapter 1 Introduction 
 
Global warming, diminishing fossil fuel sources and geopolitical uncertainty have 
led to an increasing interest in the search for alternative energy sources as well as 
reducing greenhouse gases. For reducing greenhouse gases, natural photosynthesis, which 
involves the photo- generation of carbon compounds and oxygen from abundant raw 
materials (carbon dioxide and water), cannot meet the need to mass-reduce the carbon 
dioxide in the atmosphere. Among all alternative energies, solar, hydroelectric, 
geothermal, wind, biomass, and nuclear energy sources have become the dominant 
alternative energy sources.  
The use of biomass to produce energy is based on natural photosynthesis that 
generates energy directly using sunlight and CO2 in the atmosphere. However, it is still 
unlikely that the natural production of biomass will be able to meet all our needs for fuels 
and chemicals in the foreseeable future. Therefore, although biomass will keep playing an 
important role in alternative fuels in the future, it would be unwise to rely exclusively on 
it for future renewable supplies of fuels and chemicals. As the world‘s population 
increases, there will be increased demand for biological resources for food and shelter, 
too. As a result, the transfer of biomass into energy source still remains controversial. 
Artificial photosynthetic systems offer the possibility of producing fuels and 
chemicals from CO2 and sunlight in fewer steps and with higher efficiencies than is 
possible in natural photosynthesis. There are several ways to reduce carbon dioxide: (1) 
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homogeneous photochemical reduction of CO2, (2) heterogeneous photochemical 
reduction of CO2, (3) photoelectrochemical CO2 fixation, and (4) electrochemical 
reduction of CO2 using solar electric power. 
Homogeneous photochemical reduction is utilized because in the photochemical 
reduction of CO2, the one-electron reduction to CO2- requires extremely strong reducing 
agents that are generally difficult to produce by photochemical methods [6]. Catalysts 
such as transition-metal complexes or organic dyes are used because they can accept 
multiple electrons during the catalytic cycle of CO2 reduction. Homogeneous 
photochemical reduction has several advantages such as the lack of side reactions that 
deactivate the photosensitizer or catalyst/mediator; the ability to undergo multi-electron 
transfer; long-lived intermediates, and so forth. Nevertheless, it failed to achieve the 
condition of not using sacrificial reagents. 
For heterogeneous photochemical reduction of CO2, photo-generated carriers  were 
considered to promote multi-electron reduction of CO2 and multi-hole oxidation of water 
[7]. Semiconductors such as SiTiO3, CaFe2O4 and Nd2O3 have been used. Meanwhile, in 
efforts to enhance the yield of CO2 reduction, surface treatment with a metal oxide and 
loading metal on semiconductors were tried. After quantum size effects in light 
absorption and chemical reactivity were discovered, a remarkable improvement in 
photocatalytic reduction of CO2 was achieved using quantized or colloidal 
semiconductors [8]. 
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In photoelectrochemical processes, the molecular sensitizer is replaced with a p-type 
semiconductor electrode such as Si, In, GaP, or InP [9]. With irradiation of light of higher 
energy than the band gap of the semiconductor electrode, electrochemical CO2 reduction 
can be achieved at much lower potentials. The electric field gradient, which exists at the 
interface between the semiconductor and the solution, produces a charge separation with 
the electrons moving to the electrode surface for CO2 reduction [10]. In a typical 
photoelectrochemical cell, the anode and cathode compartments are separated. The 
separation of the oxidized and reduced products occurs naturally. Bare semiconductors 
are used for photoelectrochemical CO2 reduction with and without metal catalysts or 
organic solvents. The major reduction products are HCOOH and CO, but methanol 
formation is also reported in some cases [11]. 
The long term goal of our research is to develop better electrochemical systems for 
CO2 reduction in room-temperature electrolyte that could lead to efficient processes for 
the large-scale conversion of CO2 into formic acid or other products. Plants have the 
natural mechanism to produce carbohydrates, namely photosynthesis from CO2 and H2O 
by the catalytic action of the chloroplast with the solar light, but the electrochemical way 
of artificial photosynthesis has not yet reached realization [12] .  If CO2 could be recycled 
in large scale back into fuels or chemicals using solar generated electricity, global 
warming could be greatly slowed or reversed.  At present the limiting factor in these 
processes is the ability to convert CO2.   So far one can only obtain reasonable 
efficiencies by using catalysts like mercury, silver or copper at high overportentials, and 
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even then the efficiency is low. Moreover, there is no commercially viable process for 
large scale CO2 recycling into synfuels or other products because CO2 is difficult to 
activate. The free energy change of the reaction to compose an original organic 
compound from CO2 and H2O is positive and does not proceed spontaneously. 
The objective of our work is to learn how to use artificial electrochemical synthesis 
to create materials for renewable fuels. Specifically, we will be examining the mechanism 
of CO2 conversion on different catalysts in one choline based quaternary ammonium salt. 
We project using electricity generated from solar power plant to convert CO2 and water 
into CO, H2 and formic acid, one useful product of CO2 reduction. Over the globe, the 
demand of formic acid is growing. Significant amounts of formic acid are produced as a 
byproduct in the manufacturing of other chemicals, especially acetic acid. When 
methanol and carbon monoxide are combined with the presence of a strong base, the 
formic acid is produced. However, these processes are neither straightforward nor 
environmentally friendly [13, 14]. 
We have been exploring the use of amines to suppress water electrolysis and 
enhance CO2 electrolysis. We find that the presence of choline ion raises the onset of 
hydrogen evolution, and lowers the overpotential for CO2 conversion.   The result shows 
that there is a region of potential where CO2 electrolysis is more rapid than hydrogen 
evolution. The products vary with the catalysts.   
Based on SERS data, we suggest that hydrogen evolution reaction is suppressed 
because choline ions formed a layer on the catalyst surface and blocked the adsorption of 
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the protons. Moreover, CO2 reduction happens at such a modest potential because choline 
cations in the electrolyte are forming a complex with key anionic intermediates of the 
CO2 reduction reaction such as (CO2).   The stabilization of the anionic intermediates 
leads to the substantial reduction in the required potential for CO2 reduction. 
In this work, experiments combining both electrochemical conversion methods and 
surface enhanced Raman spectroscopy (SERS) obtained a fairly complete picture of CO2 
reduction in choline products. Particularly, we discovered that:   
1. Choline based quaternary ammonium salts achieve hydrogen evolution 
reaction suppression because a thin layer of choline ions forms on the 
catalyst surface and blocks the protons from coming close to the surface. 
2. Different reaction products form during CO2 reduction in choline electrolyte: 
CO mainly on gold, platinum and platinum/ruthenium; formic acid on 
palladium. 
3. CO2 reduction happens in various catalysts with much lower overpotential 
because the thin layer of choline ions on the catalyst surface will form lower 
energy intermediates with CO2, which will make the CO2 reduction process 
easier. 
4. Different anions in choline based electrolytes have little effect on CO2 
reduction as well as hydrogen evolution reaction. 
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Chapter 2: Literature Review and Background Theory 
 
2.1 Electrochemistry Background 
 
Electrochemical reactions can be considered as two kinds of reactions:  a chemical 
reaction driven by an external electric power supply, or a voltage generated by a chemical 
reaction. During this process, oxidation/reduction reactions happen when electrons are 
transferred between different molecules and ions. Generally, the topics in 
electrochemistry research are divided into two parts: chemical reactions which take place 
in a conducting solution at the interface of an ion conductor and an electron conductor, 
and electron transfer process between the electrodes and the species in electrolyte. 
 
2.1.1 Electrochemical System and Related 
The electrochemical cell is regarded as one of the most important parts of an 
electrochemical system. It is a device where the electrochemical reaction takes place and 
produces an output electrical current. Specifically, simple electrochemical cells are 
composed of two conductive electrodes and the electrolyte. The electrodes are the anode 
and the cathode: oxidation reactions happen at the anode and reduction reactions occurs 
at the cathode. The materials of electrodes can be chosen from any sufficiently 
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conductive materials, such as metals, semiconductors, graphite, and conductive polymers. 
In between these electrodes is the electrolyte, which contains ions that can freely move. 
 
2.1.1.1 Nernst Equation 
 
The Nernst equation is named after the German physical chemist Walther Nernst 
[15]. It is very important to explain the Nernst Equation here because it is an equation 
that can be used to determine the equilibrium reduction potential of a half-cell in an 
electrochemical cell. Typically, the Nernst equation is written as follow[16]: 
 
where Ecell is the cell potential which we need to calculate; E
0
cell is the standard cell 
potential at the temperature of interest; R is the universal gas constant: R = 8.314 472(15) 
J K−1 mol−1; T is the absolute temperature (K); F is the Faraday constant, F = 
9.648 533 99(24)×104 C mol−1; z is the number of moles of electrons transferred in the 
half-reaction; Q is the reaction quotient. 
To simplify the equation, RT/F is firstly treated as a constant of 25.693 mV for cells 
at room temperature (25 °C), later the Nernst equation is expressed in logarithmic terms: 
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It is important to note here that later in our chapters, we will use another version [17] 
of Nernst equation to calibrate the reversible hydrogen electrode vs. the standard 
hydrogen electrode: 
 
Where ERHE is the reversible hydrogen electrode potential, ESHE
0
 is the standard 
hydrogen electrode at a desired temperature. 
 
2.1.1.2 Three-electrode system 
 
People use a two-electrode system (Figure 2.1) because most electrochemical 
measurements need to measure the potential of an electrode while measuring the 
generated current. In a two-electrode system, a working electrode contacts the electrolyte 
and provides charges to or receives charges from the reactions happening in the 
electrolyte, which will generate the current. Other than the working electrode, the 
reference electrode has a known potential which can provide a basis for measuring the 
potential of the working electrode.  However, as soon as a current passes, the reference 
electrode will be polarized, and its potential varies with the current. 
In order to maintain a stable potential, no current should be allowed to pass through 
the reference electrode. Under this circumstance, the three-electrode cell (Figure 2.2) was 
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introduced to solve this problem[18]. Particularly, the three electrodes include a working 
electrode (WE), a counter electrode (CE) and a reference electrode (RE). In this system, 
the reference electrode is only functioning to reference the potential with the working 
electrode and there is no charge passing through. Instead, the counter electrode is used to 
conduct all the charges needed and balance the current with working electrode.  
 
2.1.1.3 Potentiostat 
 
The potentiostat was created to control the three-electrode cell [19]. It 
simultaneously measures the potential between the working electrode and the reference 
electrode, and the current flow between the counter electrode and the working electrode. 
A potentiostat can be simplified into the circuit diagram demonstrated below (Figure 
2.3). In operation, the voltage intended to be applied between the reference electrode and 
the sample is provided as the input voltage for the potentiostat. The actual WE-RE 
voltage is measured by a voltmeter and compared to the input voltage by a control 
amplifier. A matching current is fed to the counter electrode CE. The control circuit is 
closed by the cell, where the current passes the electrolyte from the counter electrode to 
the working electrode. In case there is a difference between the input voltage and the 
WE-RE voltage, the control amplifier will increase/decrease the voltage to the cell until 
the actual equals the input voltages. The I/U converter measures the cell current by 
10 
 
forcing it through the resistor Rk, whose voltage drop across is proportional to the cell 
current.  
 
2.1.2 Cyclic Voltammetry 
 
Cyclic voltammetry is a type of electrochemical measurement where potential is 
ramped linearly versus time. It is widely used in electrochemistry to analyze the 
properties of the electrode surface or the electrolyte. Unlike typical linear sweep 
voltammetry, which ends when it reaches a set potential, cyclic voltammetry takes the 
experiment a step further. The potential scan is reversed at the end of the first scan [20]. 
Therefore, cyclic voltammetry is an extended version of linear sweep voltammetry.  
Cyclic voltammogram is plotted based on the potential change and the current at the 
working electrode. In cyclic voltammetry, the electrode potential ramping speed is known 
as the experiment's scan rate (V/s). In a three electrode system, as being mentioned before, 
the potential is applied between the working electrode and the reference electrode, and 
the current is measured between the working electrode and the counter electrode. A 
typical picture of potential sweep of cyclic voltammetry is demonstrated below. 
As Figure 2.4 shows, the potential changes linearly with time as the linear sweep 
voltammetry. After the potential reaches the maximum set value, it goes back to the 
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original value with the same scan rate. This kind of potential sweep will create a typical 
cyclic votammogram (Figure 2.5).   
During the forward scan from t0 to t1 in Figure 2.4, a current peak demonstrates the 
reduction or oxidation process through the range of the potential scanned. If it is a 
reversible reaction and the potential is reversed, it will repeat the potential and reoxidize 
the product formed from the previous reaction. In this process, a shifted current peak with 
reversed polarity will form.  
Cyclic voltammogram can provide information about the redox potential and 
electrochemical reaction rates of the compounds. Basically, the current increases as the 
potential reaches the reduction potential of the electrolyte, and then falls off because the 
concentration of the electrolyte is depleted close to the electrode surface [21].  
Cyclic voltammetry has several properties: first, based on the Cottrell equation 
[22], if the electron transfer at the surface is fast and the current is limited by the 
diffusion of species to the electrode surface, then the current peak will be proportional to 
the square root of the scan rate.  Second, cyclic voltammetry is highly dependent on the 
target electrolyte. The ideal electrolyte should be redox active within the experimental 
potential window and is desirable to display a reversible cyclic voltammetry wave.  
There are some concepts we will need to know before proceeding to later chapters. 
First, overpotential refers to the potential (voltage) difference between a half-reaction's 
thermodynamically determined reduction potential and the potential at which the redox 
event is experimentally observed [23]. This overpotential appears because of a 
12 
 
combination of electrolyte diffusion rate limitation and the intrinsic activation barrier of 
transferring electrons from an electrode to the electrolyte. Second, the half-cell potential 
E
0
1/2 can be determined from a ratio of the peak currents passed at reduction (ipc) and 
oxidation (ipa). This ratio can be perturbed for reversible couples in the presence of a 
following chemical reaction, stripping wave, or even nucleation event. When waves are 
semi-reversible such as when ipa/ipc is less than or greater than 1, it is possible to 
determine even more information, especially kinetic processes like following chemical 
reaction. If waves are non-reversible, E
0
1/2 can be determined with equal quantities of the 
analyte in both oxidation states.  
 
2.1.3 Chronoamperometry 
 
Chronoamperometry is a potential step method and a very useful electrochemical 
technique for electrocatalyst [24]. In a single step experiment, the potential of the 
working electrode is stepped and the resulting current from faradic processes is 
monitored as a function of time. In a double step experiment, the potential is applied 
symmetrically around the formal potential of the redox center in small increments [25].  
There are several significant aspects we should take into consideration: First, the 
potential limits of the electrolyte and electrode must be analyzed before setting the 
potential limits. It is important for the initial potential to make all redox centers in the 
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same oxidation state. Second, the length of time between potential steps is also critical 
because it should allow the decay of the current to complete. Moreover, the time should 
be long enough for the faradaic current, which is due to electron transfer events and is 
most often the current component of interest, to be separated from the charging current 
for an accurate measurement. Usually, the appropriate time is determined experimentally 
by observing the time it takes for the current to return to the baseline level. 
During chronoamperometry, limited information about the identity of the 
electrolyzed specie can be obtained from the ratio of the peak oxidation current versus the 
peak reduction current. The Faradaic current decays as described in the Cottrell equation. 
Since the current is integrated over relatively long time intervals, chronoamperometry 
gives a better signal to noise ratio in comparison to other amperometric techniques. 
For example, in the case of irreversible formic acid oxidation with semi-infinite 
linear diffusion, one can fit the current-time curve, coupled with the diffusivity DFA found 
from equation below, to find the reaction rate of formic acid. 
i(t) = F A k CFA, bulk exp(k
2 
t / DFA) erfc(k t
1/2
 / DFA
1/2
)  
where i(t) = chronoamperometric current as a function of time 
 F= Faraday‘s constant, 96,485 C / mol 
 k = reaction rate constant for formic acid electro-oxidation, cm/s 
 t = time, s 
A more complete discussion of chronoamperometry for different reactions can be 
found in Bard and Faulkner [24].  In actual practice, because of other effects besides 
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mass transfer and elementary reactions, it is more complicated.  Nevertheless, there is 
still much information to be gained from chronoamperometry. 
Figure 2.6 shows a typical chronoamperometric scan for Pt in formic acid at 0.2 V 
vs. the Reversible Hydrogen Electrode (RHE).  The electro-oxidation activity (current 
density) starts out very high on the active Pt surface.  Then formic acid is depleted near 
the electrode surface and then CO is strongly adsorbed on the Pt surface. The current 
density rapidly drops, and eventually a steady concentration profile develops and the Pt 
has reached its equilibrium of poisoning by CO, and the steady activity of the catalyst can 
be determined.  At 0.2 V vs. RHE the activity of the Pt catalyst is quite low due to the CO 
poisoning.  Usually, Pt is a better catalyst at higher potentials where CO can be removed 
from the surface more easily. 
 
2.2 Electrochemical Reactions of Carbon Dioxide Conversion 
 
There are always other reactions happening when carbon dioxide is 
electrochemically reduced. In an aqueous system, the hydrogen evolution reaction is 
considered as the one of the most important or undesired ‗by-reactions‘. Here, we will 
first review the research area of the hydrogen evolution reaction and its effect on carbon 
dioxide conversion, and then discuss more about the mechanism involved in carbon 
dioxide reduction. 
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2.2.1 Hydrogen Evolution Reaction 
 
The hydrogen evolution reaction (HER) is one of the most studied reactions in 
electrochemistry [26]. Typically, the hydrogen evolution reaction demonstrates the 
Volmer–Heyrovsky–Tafel mechanism [27-29]: a proton first adsorbs on the catalyst 
surface and then goes through reduction process to release hydrogen.  
Here is a little discussion about the kinetics of the hydrogen evolution reaction 
(HER) in alkaline (or acid) solution [30]. The basic equation for the hydrogen evolution 
reaction is: 
H2(g) ↔ 2H
+
 + 2e
-
 
It contains three elementary steps: 
Tafle process: H2(g) + 2S ↔ H(a) + H(a)  
Heyrovsky process: H2(g) + S ↔ H(a) + H
+
 + e
-
 
Volmer process: H(a) + S ↔ H
+
 + e
-
 
where S is an adsorption site.  
As there are three elementary steps and only one intermediate species, the whole 
reaction can be verified through two independent routes, which in this case are the Tafel-
Volmer and Heyrovsky-Volmer routes. 
Although our research does not focus on kinetic models of the hydrogen evolution 
reaction and we will not discuss in detail about kinetics simulations of HER, it is still 
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necessary to have the basic conceptions about conditions of HER in mind. In previous 
research[31], in order to carry out the description of the kinetics of the HER in the whole 
domain of operative potentials, three critical factors should be taken into account 
simultaneously: first, the diffusion process of the molecular hydrogen to the electrode 
cannot be ignored, which is obvious for the HOR but sometime ignored in the case of the 
HER; second, during the HER process, the surface coverage of adsorbed hydrogen 
strongly depends on overpotential, therefore, the usual Langmuir equation [32] is not 
enough to describe the adsorption process; finally, both forward and backward chemical 
reactions should be considered in order to describe the kinetics of each elementary 
reaction step.  
The study of the hydrogen evolution reaction has many applications. For instance, 
in battery manufacturing, the HER is desired to be reduced because it occasionally takes 
place on the cathode with very negative potentials and reduces the amount of water and 
may lead to battery failure [33]. For lead-acid batteries, bismuth‘s existence is 
detrimental because on this metal, the hydrogen evolution reaction has a lower 
overpotential than on lead which will compete with the desired reactions on the catalyst 
surface. Therefore, much work has been performed to understand the effect of bismuth on 
battery performance [34, 35]. Another example is the hydrogen storage issue [36]. 
Titanium and its alloys exhibit very strong interaction with hydrogen and it is used as one 
of the hydrogen storage elements. Research shows that after hydrogenation, titanium 
samples formed the γ-hydride, which desorbed more than half of the hydrogen [37] 
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In many cases [38-41], the hydrogen evolution reaction is promoted on purpose 
because hydrogen is an attractive energy source. Molecular hydrogen is consumed in fuel 
cells to generate electricity with relatively high conversion efficiency [42]. As in the 
production of hydrogen, the electrolysis of water is a costly alternative than steam 
methane reforming [43]. In addition, rare metals, such as platinum, rhodium, or 
ruthenium are used as catalysts because of their low overpotentials among the metallic 
electrocatalysts [44]. In order to reduce the overpotential as well as the cost of using rare 
metals, organic compounds have been added to work with some cheaper catalysts. For 
example, 4,4′-bipyridine monolayer adsorbed on an Ag electrode catalytically enhances 
hydrogen evolution reactions in basic and neutral solutions [45]. Moreover, thiourea was 
discovered to facilitate the hydrogen evolution process in neutral solution [46]. 
In some other electrolysis reactions, hydrogen is not an ideal product and we 
desire to suppress the production as much as possible. For example, in the CO2 
conversion process, the hydrogen evolution reaction competes with carbon dioxide 
reduction in aqueous electrolyte [47-49]. This happens since hydrogen production takes 
less electrical energy than the formation of a carbon complex. As a consequence, protons 
will adsorb to the catalyst surface before carbon dioxide does, therefore blocking the 
active catalyst surface area for further carbon dioxide reduction. Details will be discussed 
later in chapters related to carbon dioxide reduction. 
Some studies have demonstrated the ability of quaternary ammonium salts to 
suppress the hydrogen evolution reaction [50-52]. Tetraalkylammonium hydroxide 
18 
 
hydrates attract attention as the electrolytes because of their relatively large conductivity 
at low temperature [53-55], however, such low temperatures are not achievable in liquid 
aqueous electrolytes. Other quaternary ammonium salts, such as 
stearylbenzyldimethylammonium chloride and cetyltrimethylammonium bromide [56, 
57], are regarded as ideal inhibitors added in electrolytes for reduction of hydrogen ions 
during the process of metal electrodeposition. In addition, monomeric and polymeric 
organic quaternary ammonium salts are tested in acid electrolyte as the corrosion 
inhibitors for metal catalysts [58, 59]. Moreover, tetrabutylammonium hydrogen sulfate 
and dibutyl ammonium hydrogen sulfate [50, 60] are used as minor addictives to other 
electrolytes to achieve hydrogen evolution reaction suppression. No data is available of 
these quaternary ammonium salts as electrolytes alone. Moreover, almost all the 
quaternary ammonium salts studied before are either toxic or expensive, or both. As a 
consequence, they are not practical electrolytes to achieve suppression of hydrogen 
evolution in large scale production. 
 
2.2.2 General Discussion of Carbon Dioxide Conversion 
 
Carbon dioxide is a potential carbon resource abundant on earth. There are a lot of 
ways to release carbon dioxide. It forms partially because of stoichiometric combustion 
of carbon, and its release is proportional to energy consumption. Moreover, living 
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animals‘ respiration process, volcanoes, hot springs, burning of plants and so forth can 
provide the large amount of carbon dioxide. During natural photosynthesis, as part of the 
carbon cycle, carbon dioxide can be absorbed by green plants, algae, and cyanobacteria. 
With the energy provided by sunlight and water as a proton donation compound, carbon 
dioxide is converted to carbohydrate energy for plants and oxygen is released as a waste 
product.  
Due to the Industrial Evolution, the consumption of fossil fuels has led to the 
increase of carbon dioxide in the atmosphere from 280ppm to 390ppm [21] over the past 
century. Carbon dioxide contributed to almost one quarter of greenhouses gases, which is 
the main reason of global warming. Therefore, carbon dioxide utilization was one of the 
grand challenges identified in the Bell report [61].    
Chemical fixation of CO2 is an attractive technique for recycling carbon resources, 
as well as for reducing the atmospheric concentration of CO2. However, under normal 
conditions, CO2 is regarded as the most stable compound among carbon based substances. 
Therefore, for a long time, it has not been considered as a major industrial material. 
As noted in the introduction, there are several ways to reduce carbon dioxide. 
Here, only electrochemistry methods will be discussed in detail. As early as the 19th 
century, researchers have studied the fundamentals of the electrochemical reduction of 
CO2, and this topic has continued and attracted more attention in recent years.  
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In this section, we will first focus on the basic concepts related to electrochemical 
reduction of carbon dioxide and later discuss carbon dioxide reduction on different 
catalysts. 
 
2.2.2.1 Equilibrium Potential of Carbon Dioxide Conversion 
 
We would like to know the equilibrium potential for carbon dioxide reduction 
because this value can be compared with the experiment potential to determine the 
overpotential. Basically, the difference between the equilibrium potential of a reaction 
and the actual potential of the same reaction is called the overpotential, and it represents 
the lost energy in a conversion process. Not surprisingly, the overpotential should be 
reduced to minimum to make any electrochemical reaction economically sound. 
Therefore, we want to minimize the overpotential as much as possible. 
During the electrochemistry reduction in aqueous solution, although the chemical 
activity of carbon dioxide is low, the equilibrium potentials of CO2 reduction are not very 
negative as compared with that of the hydrogen evolution reaction (HER). From Nernst 
equation (discussed in a previous chapter), we notice that the change of pH value will 
shift the potential (Figure 2.7). Therefore, the standard potentials for CO2 reduction and 
HER, estimated from thermodynamic data, decrease similarly with pH as is apparent in 
aqueous media at 25°C with respect to SHE. The standard potentials are conveniently 
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given at pH 7.0, where most of the actual CO2 reductions are measured. At PH 7.0, the 
value of the equilibrium redox potentials E0 vs. the normal hydrogen electrode for the 
multielectron transfer reactions of carbon dioxide are demonstrated as follows: 
 
Table 2.1 Equilibrium Potential for Carbon Dioxide Reduction to Different 
Products 
Product Reactions Equilibrium redox potential (V) 
Formic acid CO2 + 2H
+
 + 2e
-
  HCOOH -0.61  
Carbon monoxide CO2 + 2H
+
 + 2e
-
  CO + H2O -0.52  
Formaldehyde CO2 + 4H
+
 + 4e
-
  HCHO + H2O -0.48  
Methanol CO2 + 6H
+
 + 6e
-
  CH3OH + H2O -0.38 
Methane CO2 + 8H
+
 + 8e
-
  CH4 + 2H2O -0.24 
 
2.2.2.2 Active Species during Carbon Dioxide Conversion 
 
When carbon dioxide dissolves in aqueous solutions, it releases the carbonate ion 
and bicarbonate ion, and the reaction equations are as follows: 
CO2 + H2O = HCO3
−
 + H
+
 
HCO3
−
 = CO3
2−
 + H
+
 
Since the solubility of CO2 is as low as 30 mM in water below 1 atm at the 
ambient temperature, the rate of electrochemical reduction of CO2 in aqueous media is 
limited by the transport process. It is thus important to know whether HCO3
–
 or CO3
2–
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can be electrochemically reduced. Or, in the aqueous solution, carbon dioxide molecules, 
carbonate ions and bicarbonate ions are all possible active species.  However, Teeter and 
Rysselberghe reported that CO2 is reduced to HCOOH at the Hg cathode [62] and showed 
that the polarographic wave height depends on the CO2 concentration in the electrolyte 
solution.  Their result reveals that the electroactive species of CO2 reduction is the CO2 
molecule, neither HCO3
–
 nor CO3
2–
. Although later articles argue that HCO3
–
 can be 
reduced at different metal electrodes [63, 64], the results demonstrated partial current 
density of CO2 reduction was below 0.1 mA cm
–2 
[65] and the data was not confirmed by 
quantitative chemical analysis [66]. Therefore, researchers conclude that in aqueous 
solution, HCO3
– 
is decomposed to CO2 first and the active species near the electrode is 
the CO2 molecule [67, 68].  
This conclusion still has its own suspicions. If the active species is the CO2 
molecule, based on thermodynamic calculations, the CO2 reduction potential should be 
not very negative. However, the reduction potential of CO2 is actually more negative than 
the values estimated from the thermodynamic data. Therefore, another form of carbon 
compound, CO2·  ¯anion radical is presumed to be an intermediate species because it 
requires highly negative potential for formation. 
Based on a polargraphis study, Jordan and Smith [69] first proposed that 
formation of CO2·  ¯anion radical occurs by one electron transfer to CO2 molecule as an 
initial step in CO2 reduction process, as follows: 
CO2 + e− = CO2·  ¯
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Later Eyring and his coworkers [70] proposed the theory that CO2 reduces to 
HCOO
−
 at an Hg electrode in aqueous electrolytes containing HCO3
2−
, and discussed the 
reaction mechanism with CO2·  ¯anion radical as the initial intermediate. The following 
equations demonstrate each step of HCOO
-
 formation: 
CO2·  ¯+ H2O = HCOO· + OH
−
  
HCOO· + e− = HCOO−  
Hori et al. [71] further verified that the rate determining step is the first electron 
transfer to form CO2·  ¯anion radical. Pacansky et al. [72] also suggested that CO2·  ¯is 
ready to react as a nucleophilic reactant at the carbon atom. Aylmer-Kelly et al. 
experimentally verified that the CO2·  ¯anion radical [73] with a Pb electrode in CO2 
saturated aqueous, acetonitrile and propylene carbonate electrolytes by ultraviolet (UV) 
spectroscopy, which confirmed that CO2·  ¯anion radical is mostly present freely in both 
aqueous and nonaqueous electrolyte solutions. Schiffrin [74] and Hori [71] showed that 
the potential of the reduction does not depend on pH and H2O is the proton donor in the 
formate formation from CO2· .¯ Figure 2.8 illustrates the elementary steps of CO2 
reduction on different catalysts, and CO2·  ¯was regarded as the intermediate in all the 
reactions. 
Table 2.1 shows that CO formed with relatively lower overpotentials than HCOO
-
 
formation. It is suggested that CO is produced by a mechanism different from HCOO
−
 
formation which may proceed with free CO2 ·  ¯intervening. Usually, adsorbed and 
stabilized CO2·  ¯on an electrode will have the extra negative charge on O atoms [75], 
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which facilitates protonation leading to CO formation. During this process, adsorbed 
CO2·  ¯would be nucleophilic at O atoms, and H2O in aqueous solution will react with the 
O atom of adsorbed CO2· ,¯ forming CO(ad) and OH
− 
(figure 3). 
In non-aqueous electrolytes, a reaction scheme is that one electron transfer to CO2 
molecule initiates the process, forming CO2·-. However, CO2·  ¯is not adsorbed on the 
catalyst surface, and is freely present in nonaqueous electrolyte solutions. As discussed, 
in aqueous solution, if H2O is present in the electrolyte, a CO2·  ¯will react with a H2O 
molecule at the nucleophilic carbon atom and further reduce to formate. Here, the H2O 
molecule reacts as a Lewis acid [76]. If an H2O molecule is not available as in a non-
aqueous solution, and plenty of CO2 is present, a CO2 molecule will play the role of a 
Lewis acid with the nucleophilic C of CO2· .¯ The coupling of CO2·  ¯and CO2 will lead to 
formation of an adduct (CO2)2·  ¯[75, 77], which will lead to other products. Further 
discussion and more examples will be given in the following sections. 
 
2.2.2.3 Carbon Dioxide Conversion with Different Metal Catalyst 
 
Gold electrodes yield CO in CO2 reduction in aqueous media [78, 79]. Some 
papers reported that kinetic aspects of the CO formation begin at −1.1 V vs. SHE [79]. 
This low overpotential indicates that the CO forms with intermediate intervention of 
CO2·  ¯stabilized by adsorption on the electrode. This research also suggests that the CO2 
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reduction proceeds in the 1st order with respect to CO2, and the rate-determining step of 
the reaction is the first electron transfer to CO2. For kinetics research, Ikeda et al. 
[80]demonstrated that CO formation at the Au electrode does not depend on the pH of the 
electrolyte, and that the proton donor is H2O instead of the H
+
. 
Platinum electrodes also result in CO as the main product, which is strongly 
adsorbed on the Pt electrode [81, 82]. CO forming on the Pt surface has different 
structures. In addition to linearly bonded CO as the major adsorbed species, small 
amounts of bridged and multibonded CO are also detected[83, 84]. CO appears on the Pt 
surface as demonstrated in the following equation, and its appearance will decrease the 
catalytic active sites and inhibit further reduction of CO2 in aqueous media.  
CO2 + 2H(ads) = CO(ads) + H2O  
Besides CO, some other products are discovered on the Pt catalyst. Brisard et al. 
[85] demonstrated that methanol and formaldehyde produced during CO2 reduction 
process in 0.1 M HClO4 was very low. In connection with this finding, Sakata et al.[86] 
showed that CH4 is produced from CO2 in 0.5 M KHCO3 aqueous solution with a Pt 
electrode. 
The major products at the Pd electrode are CO and formate in aqueous media [87]. 
Iwakura et al. [88] reduced CO2 to formic acid at a palladized Pd/CO2 interface in a gas 
compartment without any protic solvent. Methanol formation at the Pd electrode is also 
reported by some researchers, and these reports showed that methanol is produced with 
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very low overpotential or even a potential close to the equilibrium one. Moreover, 
adsorbed CO forms at the potential more positively than in continuous electrolysis [89]. 
 
2.2.3 Electrochemical Conversion of Carbon Dioxide in Aqueous System 
 
Electrochemical reduction of CO2 in aqueous solutions has many benefits: 1) it is 
possible to use water as the proton source; 2) it is much more economical than in organic 
solvents; 3) it is able to achieve higher densities. 
However, because of water‘s presence, the hydrogen evolution reaction (HER) 
easily takes place by cathodic polarization, usually competing with CO2 reduction. The 
HER rate is proportional to the proton activity in the electrolyte at a constant potential 
[90]. Most of the CO2  reduction studies were done with neutral electrolyte solutions 
because HER is prevalent, particularly in acidic solutions, and CO2 molecules do not 
exist in a basic solution. 
In order to suppress the HER during the CO2 reduction process, many previous 
studies were carried out in aqueous solutions with metal electrodes of high hydrogen 
overvoltage such as mercury and lead. For example, Eyring et al. [78] studied CO2 
reduction with an Hg electrode and showed that HCOO
−
 was produced with high faradaic 
efficiency in neutral aqueous electrolytes. Suzuki et al. [71]discovered that the partial 
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current of HCOO
−
 formation at an Hg electrode is not pH-dependable, but the HER is 
proportional to proton activity.  
Ito et al. studied CO2 reduction at Zn, Sn, In, Cd and Pb electrodes in hydrogen 
carbonate solutions with various alkali metal cations. They analyzed the products by 
infrared spectroscopy, and reported that formic acid is the only product from these metal 
electrodes. Here, carbon dioxide reduction on an In electrode to yield HCOOH at very 
negative value at  –1.4 V vs. SHE [78].  
After formic acid was discovered as the only major product in electrochemical 
CO2 reduction in aqueous solutions, detections of methanol and methane with extremely 
low current density were reported. Hori and his coworkers [91] revealed that CO2 
reduction in aqueous solutions yields a measurable amount of CO, CH4 and other 
hydrocarbons as well as formic acid. The product selectivity is greatly affected by the 
purity of the electrode metals and that of the electrolyte solution.  
Metal electrodes are still divided into 4 groups based on different products formed 
in aqueous solutions (Table 3).  Pb, Hg, In, Sn, Cd, Tl, and Bi give formate ion as the 
major product. Au, Ag, Zn, Pd, and Ga, the 2nd group metals, form CO as the major 
product. Cu electrode produces CH4, C2H4 and alcohols in quantitatively reproducible 
amounts. The 4th metals, Ni, Fe, Pt, and Ti, do not practically give product from CO2 
reduction continuously. The classification of metals is not related with that in the periodic 
table. Sakata and his coworkers applied 32 metals to CO2 reduction at –2.2 V vs. SCE in 
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0.05 M KHCO3. They showed that Ni and Pt electrodes can reduce CO2 to CO or formic 
acid under elevated pressure (60 atm) [92, 93].  
In addition to the major products mentioned above, formation of higher 
carboxylic acids in aqueous solution has been disputed for many years. Bewick and 
Greener reported that electrochemical reduction of CO2 produces malate from an Hg 
cathode, and glycolate from a Pb cathode in aqueous tetraalkyl ammonium electrolytes 
[94]. Although Wolf and Rollin confirmed Bewick and Greener‘s results [95], Kaizer and 
Heitz later examined the reaction, and concluded that Bewick and Greeners‘ results 
cannot be reproduced [96].  They showed that oxalic acid is reduced to glycolic, 
glyoxylic and maleic acids at Ni, Al, Pb and Hg electrodes in aqueous electrolytes in the 
presence of quarternary ammonium salts. But no oxalic acid was produced from these 
electrodes in aqueous electrolytes. Ito et al. [97]detected slight amounts of oxalic and 
propionic acids in tetraethylammonium aqueous electrolytes using Pb, Sn and In 
electrodes. Eggins et al. also supported Bewick and Greeners‘ results; they employed 
carbon and Hg electrodes in aqueous solutions of tetramethylammonium chloride and 
tetramethylammonium hydroxide. They obtained oxalic and glyoxylic acids in addition to 
formic acid, as confirmed by high performance liquid chromatography  [67].  
In addition, many papers reported that CH4 or CH3OH is formed from the CO2 
reduction at various metal and semiconductor electrodes near the equilibrium potential. 
However, the amount of CH4 or CH3OH appearing in these reports is extremely low, and 
any increase to reasonable value at higher overpotential is not shown. Reproducibility of 
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the findings has not been confirmed by other work. Thus, Table 4 does not contain the 
results with the partial current of the CO2 reduction estimated below 0.1 mA cm
-2
. 
At PH 7.0, the value of the equilibrium redox potentials E0 vs. the normal 
hydrogen electrode for the multielectron transfer reactions of carbon dioxide are 
demonstrated in Table 2.1. More experimental values related to carbon dioxide 
conversion to different products are shown in Table 2.2. 
 
Table 2.2 CO2 Reduction in Aqueous Systems 
Product Mechanism Electrodes Electrolyte Potential 
HCOO
-
 CO2(ads) + e
-
 =CO2
-
(ads) 
CO2-(ads) + BH + e
-
  
HCOO
-
 +B
-
 
Bi, Sb, Cd, Zn, Cu, 
Pb, Ga, Ag, Au, 
Ni, Fe, W, Mo, 
glassy carbon[98-
101]Cu-Sn, Cu-Pb 
[102, 103] 
NaHCO3  
H
+H+(ad) 
H
+
(ad) + e  H(ad) 
H(ad) + CO2 HCOO(ad) 
 HCOO-(ad) 
Sn [104, 105] Na2SO4 -0.85 vs SHE 
-1.2 vs SHE 
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Table 2.2  (Cont.) 
Product Mechanism Electrode Electrolyte Potential 
CO CO2 + H
+
 + 2e
+  
CO + H2O 
Pt (100), Pt 
(110) [106] 
HClO4 -0.55 vs SHE 
CO2 + 2Had  
COad + H2O 
Pt (111) [107-
109] 
H2SO4  
CO2 (ads) + e
-
  
CO2
- 
(ads) 
CO2
-
(ads) + H2O + e
- 
 CO + 2OH- 
Au [110] Phosphate 
buffer 
 
Zn [97] KHCO3 Faradaic 
efficiency = 
70% at - 1.4 V 
vs. Ag-AgCl 
X + CO2  XO + 
CO 
X + 2CO2  XO + 
2CO 
Sn[104, 105] Na2SO4 Tin metal is 
oxidized by CO2 
at less cathodic 
potentials (>-0.5 
V vs. SCE). 
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Table 2.2 (Cont.) 
Product Mechanism Electrode Electrolyte Potential 
Hydro- 
carbons 
CO2  CO  Surface-
bound formyl  
Surface carbene 
hydrocarbons 
Cu [111], Cu-Ag 
[112] 
 -2.00V vs 
SHE 
CO2 + 6H
+
 + 6e
-
  1/2 
C2H4 + 2H2O 
Gas diffusion 
electrodes 
 
Methanol 2CO2 + 3Me + 4H2O = 
2CH3OH + 3MeO2 
3MeO2 + 12e- + 12H
+
 = 
3 Me + 6H2O 
Mo/MoO2, 
Ru/RuO2 [113-115] 
Prussian blue 
coated 
platinum[66, 116] 
Cu - Ni[103] 
KHCO3 -0.7V vs 
SHE for Mo; 
-0.5V vs 
SHE for Ru;-
0.35V vs 
SCE for Pt; 
MeO2 + H
+
 + e
-  
MeOOH 
RuO2 + TiO2 [117] H2SO4 -0.1V vs 
SHE 
Ethanol Stepwise 
hydrogeneration by Had, 
and ethanol  
Co+Fe[118] KCl  
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2.2.4 Electrochemical Conversion of Carbon Dioxide in Non-aqueous Solution 
 
Non-aqueous solutions are utilized for electrochemical reduction of CO2 because 
there are a lot of advantages [119]. First, the hydrogen evolution reaction, which always 
competes with carbon dioxide reduction process, can be suppressed because no water or 
just a small amount of water is present in the electrolyte. Second, even if water is needed 
in the reaction, its concentration can be accurately regulated. With diverse concentrations 
of water, the reaction mechanism that includes proton transfer could be more easily 
studied. Third, the solubility of CO2 in organic solvents is much higher than in water. As 
a result, it is possible that the efficiency of carbon dioxide reduction will increase.  
Different non-aqueous solutions are studied for CO2 reduction, such as propylene 
carbonate (PC), acetonitrile (AN), DMF, and dimethyl sulfoxide (DMSO), and Methanol. 
Here we will give some examples about carbon dioxide reduction based on different 
electrolytes types and electrodes. 
Tyssee et al. [120]  showed that oxalic acid formed from CO2 reduction at an Hg 
electrode in DMF. With Pb and Hg, Savéant and his coworkers [121] discovered that  the 
electrochemical reduction of CO2 in H2O-DMF solutions give  CO, HCOOH and 
(COOH)2. The reaction schemes are assumed that a presumed intermediate CO2·  ¯ is not 
adsorbed on Pb or Hg and no specific interaction exists between intermediates or 
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products and the electrodes [122]. With tetraalkyl ammonium salt as the electrolyte, 
Kaizer and Heitz employed Cr-Mo-Ni steel as a cathode in AN and PC. They discovered 
that oxalic acid was the main product [96]. DMSO was used as the electrolyte with Au 
and Hg electrode in Haynes and Sawyer‘s chronopotentiometric study of CO2 reduction 
[63]. They demonstrated that the reduction products at both electrodes are carbon 
monoxide and carbonate ion. If water is added to the solvent, some formate and 
bicarbonate ions were formed.  
Ito et al. [87]  tested tetraethylammonium perchlorate (TEAP) as the electrolyte 
with small water content. They employed various electrode metals for constant potential 
electrolysis of CO2 reduction at –2.8 V vs. Ag/AgCl in PC. Based on this study, they 
classified these electrode metals into three groups: (1) Cu,Ag, Au, Zn, In, Sn, Ni, and Pt 
mainly yield CO;  (2) Pb, Hg, and Tl give C2O4
2–
 as the main product with small amounts 
of glycolic acid and glyoxylic acid if water is added  in the electrolyte solution; and (3) 
Fe, Cr, Mo, Pd, and Cd form both C2O4
2–
 and CO [76]. However, for the Pt catalyst, 
Tomita et al. [123] noticed that Ag+ ions in Ag/AgCl reference electrodes easily leaked. 
This situation will affect the products formation on the electrode and CO is consequently 
the major product from the contaminated Pt electrode. Nevertheless, a Pt electrode 
without Ag contamination gives (COOH)2 as the major product.  
Oxalic acid is also formed as a major product in non-aqueous electrolytes, and is 
further reduced to higher carboxylic acids (glyoxylic acid, glycolic acid etc.) at Cr-Ni-Mo 
steel electrodes [96], Pb and Hg electrodes [87]. The mechanism proposed is as follows: 
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2CO2 + 2e− → (COO)2
2−
  
(COO)2
2− 
+ 2H2O + 2e
−
 → HCO−COO− + 3OH−  
HCO−COO− + 2 H2O + 2e
− → H2C(OH)−COO
−
 + 2OH
−
  
Methanol is an attractive solvent for non-aqueous electrolyte solutions. It has 
advantages that other non-aqueous solutions have: high CO2 solubility, hydrogen 
evolution reaction suppression and a relatively easy-to-study mechanism. It also has 
advantages that other non-aqueous solutions do not have: it is inexpensive, has low 
toxicity, and can be produced at a large industrial scale. Although methanol is a non-
aqueous solvent, it is normally classified as a protic solvent with many similarities with 
water. The product selectivity of CO2 reduction depends on the electrode metal in 
methanol based electrolytes as well. Formate is favorably produced instead of oxalate in 
methanol based electrolytes. However, if some other additives are added into methanol 
electrolyte, there will be formation of other products.  
Thus, many studied CO2 reduction at metal electrodes in methanol-based 
electrolytes. Ohta and his coworkers[119]  reduced CO2 at a Cu electrode to produce CH4, 
C2H4 as well as CO in high faradaic efficiencies. However, with PC or AN, hydrocarbon 
formation at a Cu electrode was not observed with small amounts of H2O [87]. Based on 
this result, the hydrogen molecules in products are assumed from hydrogen of the 
hydroxyl group attached to a methanol molecule. Later, Ohta et al. [119] argued that the 
proton in the products is derived from residual water contained in methanol, but relevant 
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experimental data has not been showed. 
Quaternary ammonium salts were utilized as an additive in methanol electrolyte 
in order to facilitate the carbon dioxide reduction process. Fujishima et al. [124, 125] 
employed tetraalkyl ammonium salts in methanol-CO2 mixture and HCOCH3 and CO are 
the major products. It was assumed that CO2 first reduced to HCOOH and later 
transferred to HCOCH3. They also showed that CH4 and C2H4 were mainly produced in 
TEAP solution, instead of CO and HCOCH3 [126]. In addition to metal electrodes, 
polyaniline and polypyrole were also investigated as electrode materials. 
The following tables (Table 2.3 –Table 2.6) show the products of different 
electrode & electrolyte combinations [76]. (BC: Benzalconium chloride, HA: 
Hydroxylamin, TBATF: Tetrabutyl ammonium tetrafluoroborate, TEAB: 
Tetraethylammonium bromide, TEAH: Tetraethyl ammonium hydroxide, TEAP: 
Tetraethylammonium perchlorate. Ppy: Polypyrrole, PAn: Polyaniline. PC: polypropylene 
carbonate) 
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Table 2.3 Oxalate formation during CO2 Reduction 
Electrode Electrolyte Major products References 
Pb PC, AN, DMF, TEABr (COOH)2, CO, glyoxylate, 
glycolate 
[122, 127, 128] 
MeOH/TEAP, HA [129] 
MeOH/TEAP, KOH HCOOH, CO [125, 130] 
Hg DMSO/TEAP, DMF, 
PC/TEAP 
(COOH)2, CO, HCOOH [127, 128, 131-
134] 
Tl PC/0.1 M TEAP (COOH)2 [128] 
Pt PC/TEAP, PC/TEAH, 
AN/0.1 M TEAP 
(COOH)2, CO, HCOOH [123, 125, 128] 
MeOH/TBABF4 HCOOH, CO [125] 
Ni PC/0.1 M TEAP (COOH)2, CO [128] 
MeOH/TBAP HCOOH, CO, CH4, C2H4 [125] 
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Table 2.4 CO Formation during CO2 Reduction 
Electrode Electrolyte Major products References 
Cu PC/0.1 M TEAP CO [128] 
MeOH/BC  CO, CH4, C2H4 [124] 
MeOH/TEAP, TBABF4 CO, HCOOH, CH4, 
C2H4 
[125, 126, 135, 
136] 
MeOH/LiCl, LiBr, etc. CH4, C2H4, CO [137] 
MeOH/TBABF4 CO [138] 
EtOH  CH3OH [139] 
Sn PC/0.1-M TEAP, MeOH/BC, 
TBABF4 
CO [119, 125, 
128] 
Ag PC/TEAP, MeOH/KOH, BC, 
TBABF4 
CO, HCOOH [119, 125, 128, 
140] 
Zn PC/0.1-M TEAP, MeOH/BC, 
MeOH/KOH, TBABF4 
CO [119, 125, 128, 
141] 
In PC/0.1-M TEAP CO [128] 
MeOH/KOH CO, HCOOH [142] 
Au DMSO/TEAP, PC/0.1-M TEAP, 
MeOH/KOH, BC 
CO, HCOOH [119, 128, 131, 
143] 
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Table 2.5 Oxalate and CO formation during CO2 Reduction 
Electrode Electrolyte Major products References 
Fe PC/0.1 M TEAP (COOH)2, CO [128] 
Cr PC/0.1 M TEAP (COOH)2 [128] 
Mo PC/ TEAP (COOH)2, CO [128] 
Pd PC/0.1 M TEAP, TBAP CO, (COOH)2 [125, 128] 
Cd PC/0.1 M TEAP CO, (COOH)2 [128] 
Ti PC/0.1 M TEAP, MeOH/KOH CO, (COOH)2, HCOOH [128, 144] 
Nb PC/0.1 M TEAP CO, (COOH)2, HCOOH [128] 
Cr-Ni-Mo 
Steel 
AN/TEAH, PC/TEAH HCOOH, (COOH)2, 
glyoxylate, glycolate 
 
 
Table 2.6 Other Product formation during CO2 Reduction 
Electrode Electrolyte Major products References 
Re/Au MeOH/LiClO4 CO, CH4 [145] 
Ppy-Re/Aua MeOH/LiClO4 CO, CH4 [146] 
Ppy-Re, Cu/Aub MeOH/LiClO4 CO, CH4 [146] 
Ppy/Pt MeOH/LiClO4 HCHO, HCOOH, HOAc [147] 
Pan MeOH/LiClO4, 
H2SO4 
HCHO, HCOOH, HOAc [148, 149] 
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2.3 Surface Enhanced Raman Spectroscopy (SERS) 
 
More than thirty years ago, Fleischmann et al.[150] observed intense Raman 
scattering from pyridine adsorbed onto a roughened silver electrode surface. Their 
purpose was to develop a specific spectroscopic method to study electrochemical 
processes. This was the first discovery that a rough surface will enhance the Ramen 
scattering. In the early 1980s, SERS research accelerated dramatically. Its experimental 
facts were recognized as valid evidence for the essential features of the reaction 
mechanisms. Here, the physical principles and applications of SERS will be discussed in 
detail. 
 
2.3.1 Physical Principle of SERS 
 
After Fleischmann‘s observation, Jeanmaire et al. [151] recognized that the large 
intensities observed could not simply result from the increase in the number of scatterers 
present. They proposed that an enhancement of the Raman intensity occurred in the 
adsorbed state and tentatively proposed an electric field enhancement mechanism. With 
the same discovery, Albrecht et al. [152] argued that the increase of resonance Raman 
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scattering was because of molecular electronic states as well as their interaction with the 
metal surface.  
Although SERS can be applied to examine a very large number of molecules 
adsorbed on the surfaces, relatively few metals can be used as the target surface. These 
metals include gold, silver and copper. There are different kinds of rough surfaces: 
electrode surfaces roughened by one or more cyclic voltammetry cycles, island films 
deposited on glass surfaces at elevated temperatures, films deposited by evaporation or 
sputtering onto cold  substrates, colloids, nanoparticles and arrays of such particles 
prepared by lithographic techniques. Usually, the largest enhancements of SERS occur on 
the roughened surface at the  nanoscale of 10–100 nm.  
Many mechanisms were proposed in the early days of SERS to account for the 
experimental facts mentioned above. There are two primary theories. The former is called 
electromagnetic enhancement, focusing on the enhanced electromagnetic fields generated 
from the roughened surface structure. These electromagnetic fields are supported on 
metal surfaces with appropriate morphologies as well as on changes in the electronic 
structure of  adsorbed molecules leading to resonance Raman scattering. The latter is a 
chemical theory, which only applies for species forming a chemical bond with the surface. 
Therefore, chemical theory cannot explain the observed signal enhancement in all cases. 
Nevertheless, the electromagnetic theory can apply even in those cases where the 
specimen is only physisorbed to the surface. Here we will discuss both of the theories in 
detail. 
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2.3.1.1 Electromagnetic Enhancement  
 
To illustrate the theory of electromagnetic enhancement, it is important for us to 
know what plasmon is. The collective excitation of the electron ―gas‖ of a conductor is 
called plasmon. If the excitation is confined to the near surface region it is called surface 
plasmon. Surface plasmon can either be propagating on the surface (e.g., of a grating), or 
localized on the surface (e.g., of a spherical particle). 
In order for scattering to occur, the plasmon oscillations must be perpendicular to 
the surface. If they are in-plane with the surface, no scattering will occur. A rough surface 
can provide an area on which these localized collective oscillations can occur. Therefore, 
roughened surfaces or special arrangements of nanoparticles are typically employed in 
SERS experiments. Surface roughness or curvature is required for the excitation of 
surface plasmon by light. The electromagnetic field of light at the surface can be greatly 
enhanced with surface plasmon excitation. Through the interaction with the surface, the 
amplification of both the incident laser field and the scattered Raman field constitutes the 
electromagnetic SERS mechanism.  
There have been many types of electromagnetic theory developed over the years 
which treat physical situations at different levels of completeness. Model systems which 
have been treated include isolated spheres, isolated ellipsoids, interacting spheres, 
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interacting ellipsoids, randomly rough surfaces treated as collections of hemispherical 
bumps and so forth.  
The simplest treatments generate the electrostatic approximation using sharp 
boundaries and local, bulk dielectric functions for the substrate. Taking it one step further, 
full electrodynamic calculations have been carried out and the effects of a nonlocal 
dielectric response have been discussed [153]. The textbook example of a metal sphere in 
an external electric field illustrates the essential physics underlies the electromagnetic 
mechanism. If a spherical particle‘s radius is much smaller than the wavelength of light, 
the electric field is uniform across the particle. Under this condition, the electrostatic 
(Rayleigh) can be well approximated. The electromagnetic field generated at the surface 
of the sphere is related to the external laser field. Excitation of the surface plasmon 
greatly increases the local field experienced by a molecule adsorbed on the surface of the 
particle. For example, if a particle is localized under plane wave of light with a dipole 
field centered in the sphere, it does not only enhance the incident laser field but also the 
Raman scattered field.  
The choice of surface metal is also dictated by the plasmon resonance frequency. 
Silver and gold are typical metals for SERS experiments because their plasmon resonance 
frequencies fall within these wavelength ranges, providing maximum enhancement for 
visible and near-infrared radiation (NIR) light. Copper's absorption spectrum also falls 
within the acceptable range for SERS experiments.[154] Although some research showed 
that platinum and palladium nanostructures also display plasmon resonance within visible 
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and NIR frequencies [155], they are still not considered as ideal metal surface for SERS 
experiment. 
 
2.3.1.2 Chemical Bond Theory 
 
While the electromagnetic theory of enhancement can be applied regardless of the 
molecule being studied, it does not fully explain the magnitude of the enhancement 
observed in many systems. For many molecules which can bond to the surface, a 
different enhancement mechanism has been described[156].  Therefore, a second 
enhancement mechanism, which does not involve surface plasmon, operates 
independently of the electromagnetic mechanism. Sometimes, systems are 
simultaneously operative with both mechanisms and the effects are multiplicative. 
However, because it has been very difficult to separate these two types of effects and 
electromagnetic enhancement always demonstrates the strongest influence, the early 
evidence for the existence of chemical enhancement was mostly inferential.  
With electromagnetic enhancement, all molecules should be the nonselective 
amplifier for Raman scattering by all molecules adsorbed on a particular surface. 
However, the molecules CO and N2 differ by a factor of 200 in their SERS intensities 
under the same experimental conditions. This is the first evidence of supporting chemical 
mechanism theory. The second line of evidence of a chemical mechanism comes from 
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potential-dependent electrochemical experiments. If the potential is scanned at a fixed 
laser frequency, or the laser frequency is scanned at a fixed potential, broad resonances 
are observed. There are two explanations of these observations: first, the electronic states 
of the adsorbate are shifted and broadened by their interaction with the surface; second, 
chemisorptions result in new electronic states which serve as resonant intermediate states 
in Raman scattering.  
Evidence supports the latter assumption. Sometimes,  the highest occupied 
molecular orbital (HOMO) and lowest unoccupied molecular orbital (LUMO) of the 
adsorbate are symmetrically disposed in energy with respect to the Fermi level of the 
metal [157]. Under this circumstance, charge transfer excitations can occur at about half 
the energy needed by the intrinsic intramolecular excitations of the adsorbate. In the near 
ultraviolet region, molecules commonly studied by SERS typically have their lowest-
lying electronic excitations. These excitations would put the charge transfer excitations of 
this simple model in the visible region of the spectrum.  
There are a lot of reprints of original articles related to this field[156, 158]. 
Chalmers et al. [159]  studied Raman spectra of the -, β-, - and smectic polymorphs of 
isotactic polypropylene. At 298 K the spectra of the polymorphs were very similar except 
in the antisymmetric C-H stretching region. However, at 16 K the Raman spectra of the 
polymorphs show different features in several wavenumber shift regions. Vo-Dinh et al. 
[160] discussed recent advances in chemical sensors and biosensors based on surface-
enhanced Raman scattering (SERS) detection. They illustrated the different uses of the 
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SERS method for the identification and quantification of important environmental and 
biological compounds. In this article, the SERS-active probes involve silver-coated 
microstructured substrates designed to amplify the Raman signals of adsorbed molecules. 
More specific examples of application of SERS technique will be given in a later chapter. 
 
 2.3.2 SERS Research Application 
 
As mentioned before, although surface-enhanced Raman scattering (SERS) is a 
useful technique with strongly increased Raman signals for wide range of molecules 
attached to nanometer sized metallic structures [161], it had not developed into a 
powerful surface diagnostic technique that can be widely used because of some obstacles. 
First, only three metals Au, Ag, and Cu could provide large enhancement, limiting the 
applications of other metallic materials of both fundamental and practical importance 
[162-164]. Second, the maximum enhancement with SERS active metals is achieved with 
a roughness scale of 10-100nm. These submicroscopic dimensions fabricated by various 
surface-roughening procedures inevitably consist of various microscopic dimensions.  
These non-ideal structures such as ad-atoms, ad-clusters, kinks, and vacancies as well as 
surface complexes should be avoided in SERS experiments.  
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In this section, we will first discuss the SERS research related to different metal 
electrodes, and then give more examples about SERS research for the hydrogen evolution 
reaction and the carbon dioxide reduction process. 
For detecting single molecules, silver is used to make single molecule Raman 
spectroscopy a reality. Kneipp et al.[161] revealed that the detection of a single molecule 
of cresyl violet adsorbed on aggregated clusters of colloidal silver. Spectra observed in a 
time sequence exhibited the expected Poisson distribution for actually measuring 0 to 3 
molecules. Nie and Emory [165] combined surface and resonance enhancement (SERRS) 
to detect a dye molecule adsorbed on the surface of a single silver particle. Constantino et 
al. [166] used the Langmuir-Blodgett (LB) monolayer technique to fabricate a single 
molecule LB monolayer containing bis(phenethylimido)perylene (PhPTCD), transferred 
it onto Ag island films to obtain spatially resolved surface-enhanced resonance Raman 
scattering (SERRS) spectra. 
Klar et al. [167] measured the homogeneous line shape of the surface-plasmon 
resonance in single gold nanoparticles using a near-field optical antenna effect. They 
interpret the deviations of individual particles as being due to variations in the local nano-
environment. Lee et al. [168] demonstrated microfluidic chips using novel thin micro 
gold shells modified with Raman tags using in situ surface-enhanced Raman scattering 
(SERS) decoding. SERS spectra from a variety of combinations of Raman tags were 
successfully acquired from the gold microshells moving in channels on a glass 
microfluidic chip. Eliasson et al. [169] showed the possibility of determining individual 
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organic compounds introduced into single living cell with SERS. Gold colloids were 
allowed to diffuse into lymphocytes and provided enhancement under Raman scattering.  
Chant et al. [170] examined the adsorption of benaotriazole (BTAH) on copper in 
aqueous electrolytes by means of SERS. Spectral figures suggested surface attachment of 
the molecular structure and demonstrated transformation from adsorbed benzotriazole to 
a CuIBTA film at higher potentials. Sugimasa et al. [171] investigated the adlayer 
structures of benzotriazole (BTA) on different copper structures in aqueous HClO4 
solution. The BTA molecules were adsorbed in parallel to the surfaces of Cu(110) and 
Cu(100), whereas they stacked vertically on Cu(111) to form molecular rows. Moreover, 
the molecular orientation of BTA was found to affect electrochemical reactions, such as 
the hydrogen evolution reaction on the Cu electrodes.  
Besides SERS active metals, SERS on net transition metals is also generated by 
applying various roughening procedures or optimizing the performance of the confocal 
Raman microscope. Meanwhile, ordered nano-structures of transition metals were 
introduced as a promising class of highly SERS-active substrates. In addition, researchers 
have extended SERS to the study of other non-metallic surfaces too. 
Yamada et al. [172] revealed that surface enhanced Raman spectra of adsorbed 
pyridine were clearly observed on Ni and Pt as well as on Ag and Au. Results showed a 
remarkable intensity dependence on the excitation wavelength. Meanwhile, by using 
confocal microprobe Raman spectroscopy and a unique electrochemical pretreatment 
procedure for the Pt surface, Tian et al. [173] investigated the adsorbates such as SCN
-
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and CO on bare Pt electrodes in a wide potential region. The SERS data yielded detailed 
information that surface coverage, coadsorbate, electrolyte ions, and electrode potential 
are affected by surface bonding. Not the same as the roughened Ag, Cu, and Au 
electrodes, the dispersed Pt surface has shown better stability and reproducibility for the 
Raman measurements. In another study, Ren et al. [174] reports pyridine at Pt and Ni 
electrode surfaces utilizing a highly sensitive confocal Raman microscope. They 
discovered that the study can be extended further to the commonly interesting hydrogen 
adsorption process at roughened Pt electrodes. Guo et al. [175] showed a remarkable 
SERS activity on iron nanoparticles. Electrocatalysis of H2O2 with high efficiency in the 
presence of oxygen over the iron nanoparticles is demonstrated. Rubim et al. [176] 
discovered that Raman scattering from silver covered glassy carbon is affected. This is 
tentatively assigned to the scattering of intermediate electrons by the phenons. Aramaki 
et al. [176] investigated ofpyridine and pyridinium chloride adsorbed on iron using a 
SERS-active silver electrode covered with an iron layer. They discovered that apyridine 
molecule is chemisorbed on the iron surface. 
To understand fundamental aspects of the CO2 electroreduction on different 
catalyst surface, SERS is utilized to provide useful information about the possible 
adsorbed reaction intermediates, and then delineate the mechanisms involved. Batista et 
al. [177] studied carbon dioxide electroreduction on a copper electrode in K2SO4 aqueous 
solutions with different pH values. The spectral features indicate the presence of a 
structure containing a double C=C bond, a carboxyl group, and C-H bonds on the 
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electrode's surface. Zheng et al. [178] conducted research on the photoelectrocatalytic 
effect for the reduction of CO2 mediated with methylviologen at mercury, polished silver 
and roughened silver electrodes using electrochemical and SERS techniques. They 
discovered a larger photoelectrocatalytic effect for the reduction of CO2 at the roughened 
silver electrode than on mercury and polished silver electrodes. Ichinohe et al. [179] 
investigated the electrochemical reduction of CO2 at a polycrystalline Ag electrode in 
KHCO3 aqueous solution. Raman scattering from the oxidation-reduction cycled Ag 
electrode suggests the formation of CO and HCOOH by CO2 reduction. Smith et al. [180] 
also studied the electrochemical reduction of CO2 on the copper electrode surface with 
SERS. Their focus is the effect of different oxidation reduction cycles on the observed 
SERS. The time-dependent decay of the SERS bands and the increase of a new band was 
attributed to the formation of a poisoning species on copper catalyst. 
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2.4 Figure 
 
 
 
Figure 2.1 Two-electrode system 
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Figure 2.2 Three-electrode System 
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Figure 2.3 Circuit diagram of potentiostat 
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Figure 2.4 Typical potential sweep 
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Figure 2.5 Typical cyclic voltammogram[22] 
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Figure 2.6 Chronoamperometric data for Pt black on gold electrode (HiSpec 1000®, Alfa 
Aesar) electro-oxidation of formic acid at 0.2 V vs. RHE in 0.01M HCOOH with argon degassed 
atmosphere. 
 
 
 
 
 
 
56 
 
 
 
Figure 2.7  pH potential diagram of CO and its related substances. pH potion tential relations for 
water are shown in broken lines [181]. 
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Figure 2.8 Reaction scheme of the electrochemical reduction of CO2 [181]. 
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Chapter 3: Statement of Purpose 
 
The key long-term question that we are to consider in our work is: What does the 
choline based electrolyte contribute to the conversion of CO2 that allows the reaction to 
proceed at such modest potentials?   In particular, we wish to test the hypothesis that 
imidazolium cation of the choline ion is the factor that interacts with the catalyst surface. 
Because of the interaction, the hydrogen evolution reaction is suppressed and CO2 
reduction occurs at a much less negative potential than before.   
In order to test that hypothesis, we need to answer several questions:  
1. Whether and how will choline based electrolyte achieve hydrogen evolution 
reaction suppression? 
In our research, we pursue the suppression of hydrogen evolution reaction in 
water solutions. Choline based electrolytes are employed in this research as an electrolyte 
suppressing the hydrogen evolution reaction. We propose to show the choline based 
electrolytes suppresses the hydrogen evolution by shifting the reacting potential to lower 
values. When dissolved in water, choline based electrolytes release amine cation: choline 
ion. By interfering with the hydrogen adsorption process, the amine cations influence the 
evolution of hydrogen. In this process, a single layer of choline cations is formed on the 
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surface of the catalyst, which blocks the hydrogen adsorption on the catalyst surface, and 
therefore blocks the reaction of hydrogen evolution. 
2. Whether and why CO2 reduction will happen in various catalysts with much lower 
overpotentials? 
We would like to demonstrate the ability of choline based electrolytes to reduce the 
overpotential in carbon dioxide reduction process. In choline based electrolytes, the 
hydrogen evolution reaction was suppressed because choline based electrolytes reduce 
the hydrogen adsorption. Here, we would like to show it does not only suppress hydrogen 
evolution reaction but also lowers the overpotential for CO2 conversion. As a result, the 
overpotential for carbon dioxide reduction was reduced to much lower values in different 
catalysts, which is very beneficial to efficient large-scale production. 
3. What are the main reaction products formed during the experiment? 
We will study which species are formed during the reaction of CO2 reduction 
through electrochemical and spectroscopic study.     
4. Whether different ions will affect the electrochemical reaction process in choline 
based electrolyte?   
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Another key question is whether other types of anions will affect the HER and 
CO2 reduction process.  By using different kinds of choline salts, we can make valuable 
comparison.  
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Chapter 4: Experimental Apparatus and Procedure 
 
4.1 Electrochemical Cell 
 
The electrochemical cell used for this study consists of a custom-designed glass 
three-electrode cell including a working electrode, a counter electrode, and a reference 
electrode. Supporting equipment includes valves, flow lines, and a potentiostat (Solartron 
SI 1287 attached to a PC using the CorrWare software). The design details are described 
below. 
 
4.1.1 Three-electrode Glass Cell 
 
The electrochemical cell is constructed from glass by the chemistry department 
glass shop and is cleaned in a sulfuric acid bath. It is designed to give a nearly 
contamination-free environment with a controlled atmosphere. It is a 150 mL flask with 
three 14/20 joints at the top and on the sides. These joints allow insertion of the rotating 
disk electrode, the counter electrode, and solution additions as necessary. In addition to 
the glass cell body, it consists of the working electrode, the counter electrode, the 
reference electrode, the lure joint for inlet gas, a glass tube to the reference electrode 
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reservoir and a glass fitting.  Figure 4.1 depicts the design of the three-electrode cell 
shown with the working electrode, counter electrode, and reference electrode installed.  
 
4.1.2 Working Electrode 
 
The working electrode consisted of a Teflon tube with cylindrical gold slug, 
which was inserted into the tube.  The rotating disk electrode was screwed onto a RDE 
controller which can adjust the rotating speed during the experiment. The controller was 
attached to the potentiostat during experimentation.  
 
4.1.3 Counter Electrode 
 
Two kinds of counter electrodes were used in this experiment. For platinum and 
palladium catalysts, the counter electrode is made by a 25x25mm platinum mesh (size 52) 
attached to a 5-inch platinum wire (99.9%, 0.004 inch diameter). For the gold electrode, 
the counter electrode is made by a 25x25mm gold mesh (size 52) attached to a 5-inch 
gold wire (99.9%, 0.002 inch diameter). The mesh was cleaned carefully before each 
experiment. 
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4.1.4 Reference Electrode 
 
The reference electrode is a silver-silver chloride electrode with a Flexible 
Connector. It was stored in concentrated potassium chloride to maintain a constant 
chloride concentration, which can maintain a constant reference potential (±2 mV) over 
several months. However, because all results are reported versus the reversible hydrogen 
electrode (RHE) and the standard hydrogen electrode, the reference electrode was 
calibrated versus RHE and SHE frequently. The calibration method is described in later 
chapters. 
 
4.2 Electrochemical Cell Setup 
 
4.2.1 Preparation of Catalysts on the Working Electrode 
 
The working electrode is prepared by using catalysts in the powder form. 
Although materials such as metal foil can also be simply used with an alligator clip 
attaching the foil, power-form catalysts have their own advantages, such as more reaction 
surface area and easier surface area calculation. 
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To prepare the powder based working electrode, a catalyst ink was mixed and 
dried onto an electrode surface. The ink was a combination of 5.6 mg metal power and 1 
g water. Some researchers use Nafion® as a binding agent because it makes the catalyst 
stick better on the metal surface. Here, however, we avoid using such kinds of binding 
agents because it is not inert in some electrolytes. There are two kinds of rotating disk 
electrodes which we can choose from: gold and glassy carbon. Gold electrode was chosen 
over glass carbon because without a binding agent because the catalyst ink typically 
sticks better to the gold electrode. Please note that the electrode was polished with 300-
grain or finer sandpaper before adding catalyst powder to make sure no debris could be 
observed coming off the electrode on the Kimwipes®. For the case of adding catalyst 
powder onto gold electrode, the catalyst was fixed to the working electrode in the 
following manner: 
 
1. Prepare the solution with 5.6 mg of catalyst powder  and 1g of 
Millipore® water, 
2. The solution was then sonicated for another 10 minutes, 
3. 12.5 L of solution was then placed onto a gold working electrode using a 
micropipette, 
4. The solution was allowed to dry under air for at least one hour, 
5. The catalyst layer was then rinsed with Millipore water and used. 
6. Check to make sure no catalyst particles detach during experimentation. 
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When the experiment was finished, the catalyst was removed from the electrode 
by wiping it off with a Kimwipe® and rinsing with Millipore® water.  The electrode was 
again polished with sandpaper as before and wiped with Kimwipes® and rinsed with 
Millipore® water. 
 
4.2.2 Platinization of the Counter Electrode  
 
In order to create high surface area of the counter electrode, the counter electrode 
surface area was increased by platinization before experiments were carried out. In 
general, this only needs to be done once for the counter electrode, and we do not apply it 
to the gold counter electrode because gold is not inert in some environments with strong 
acid. The typical platinization procedure follows steps described in the references [182, 
183]. 
 
4.2.3 Calibration of the Reference Electrode 
 
To report results in terms of the RHE, the Ag/AgCl reference electrode had to be 
calibrated versus the RHE.  Typically, a RHE is set up by bubbling hydrogen over the 
platinum counter electrode and the potential of this electrode is compared to the reference 
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electrode.  All potentials can then be converted to RHE potentials by subtracting this 
difference.  The following steps were taken to calibrate the reference electrode [184]: 
1. Prepare the targeted electrolyte solution and fill the cell and reference 
electrode reservoir with this solution, 
2. Place the reference electrode in the reference electrode reservoir and 
attach the reference electrode lead from the potentiostat to the reference 
electrode, 
3. Attach both the working electrode lead and the counter electrode lead 
from the potentiostat to the wire attached to the platinum mesh counter 
electrode of the electrochemical cell, 
4. Bubble hydrogen under the counter electrode in the cell, 
5. Measure the open cell potential difference between the reference electrode 
and the counter electrode until it stabilizes. It usually takes 10 minutes.  
6. This value can then be used to convert all potentials to the absolute scale 
of the RHE. 
To convert the Ag/AgCl reference electrode with SHE, we just need to add 
0.197V on the experimental value. No pH effect needs to be considered. 
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4.2.4 Electrolytes Used in the Electrochemical Cell 
 
Several kinds of electrolytes were used in this research. For investigating the 
hydrogen evolution reaction, four kinds of electrolyte are used: 0.5M choline chloride, 
0.5M sodium bicarbonate, 0.5M sulfuric acid and buffer solution. Meanwhile, formic 
acid solution was prepared with or without 0.5M choline chloride, with concentrations of 
0.001M, 0.01M and 0.03M. For carbon dioxide reduction research, only 0.5M choline 
chloride was used. For examining the effect of different cations in choline based 
electrolytes, two other choline products were utilized: 0.05M choline BF4 and 0.05M 
choline acetate.  
In all cases, solutions were prepared using Millipore® water.  After each use, the 
solution was drained from the electrochemical cell.  The cell was then triple rinsed 
thoroughly with Millipore® water and put into the acid base.   
 
4.3 Typical Electrochemical Experiment Procedure 
 
4.3.1 Cyclic Voltammetry 
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In order to gain a close examination of reactions on the catalyst surface, the cyclic 
voltammetry (CV) technique is used. CV has many applications such as discovering the 
surface reaction, surface area calculation and products identification. For discovering the 
surface reaction, every time when there is a surface reaction, it creates a Faraday peak at 
a certain potential value. Based on the control experiment or literature data, we could 
determine the specific surface reaction. The figure below demonstrates the typical CV 
curve of Pt in sulfuric acid solution from our experiment. From this figure, we can 
observe the clear hydrogen or proton reaction peaks. In the hydrogen region, protons 
interact with the catalyst surface, adsorbing to the surface in the cathodic scan and 
desorbing in the anodic scan. The multiple peaks reveal that the hydrogen adsorbs or 
desorbs on different facet of the Pt catalyst. In the oxygen region, hydroxide ions oxidize 
the surface in the anodic scan and are reduced from the surface in the cathodic scan. 
Between these regions is the double layer region, in which only double layer charging 
occurs. The increased surface area from nanoparticles (as compared with smooth 
polycrystalline electrodes or single crystals) results in a higher current magnitude in this 
region.  
Usually, the supporting electrolyte consisting of diluted sulfuric acid was used to 
determine the cleanliness of an electrode surface and the electrochemical surface area 
(ECSA). From the Figure, we can also determine the ECSA of a high surface area 
catalyst. Integration of the hydrogen desorption peaks can be used to calculate the charge 
passed for the one or two electron process, respectively. It is widely accepted that both 
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platinum and palladium can be characterized in this manner, where the surface area from 
the hydrogen peaks is determined from the relationship of 210 C cm
-2
. [185, 186] 
4.3.2 Chronoamperometry 
 
Chronoamperometry experiments were also performed when the potential was 
held constant for a period of time. It is used to study the stability of the catalyst. The 
typical experiment of this nature was carried out at 0.2 V vs. RHE for formic acid 
oxidation. The experiment duration was as long as 8 hours to construct plots using pure 
0.1 M formic acid and formic acid with 0.5M choline chloride. Sometimes, a rotating 
disk electrode was used for these experiments for two reasons: to probe kinetics without 
contributions from mass transport and to remove carbon dioxide bubbles formed at the 
catalyst surface during formic acid oxidation. The rotation speed was chosen at 2000 rpm. 
It was previously shown that there was very little variation in current at different rotation 
speeds since the reaction is sluggish enough to be kinetically limited [184]. Therefore, the 
rotation speed was chosen primarily to permit adequate removal of carbon dioxide 
bubbles from the electrode surface. 
 
4.3.3 Stripping Experiment 
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Every reaction on the catalyst surface will create a Faraday peak, and every 
product has its own Faraday peak on a certain catalyst surface.  Therefore, we can 
identify the adsorbed products based on the location of these Faraday peaks. This method 
is called a stripping experiment. Basically, in order to produce the ideal products, 
potential was held constant at a certain value for enough time, usually around 20 minutes. 
The value of the potential can be decided based on the CV curve. Later, three cycles of 
CV were conducted from very positive values to negative values. Please note, however, 
the positive value we choose should be higher than the target products stripping value we 
find in control experiment or literature. If there are adsorbed products on the catalyst 
surface, they will be stripped off in the first cycle, creating a typical Faraday peak. In the 
second and third cycles, because there is no or very little adsorbed species on the surface, 
the Faraday peak will disappear or decay. From the CV data, we could identify the 
products. 
Specifically, the potential is held at the value where carbon dioxide reduction 
dominated and no hydrogen evolution reaction is seen for 20 minutes. Cyclic 
voltammetry is once again conducted at a sweep rate of 10mV/s in the range from 1V to 
carbon dioxide reduction dominate potential for three cycles. In order to have a control 
experiment which demonstrates the CO stripping peak or formic acid stripping peak, CO 
stripping voltammetry and fomic acid stripping voltammetry are also conducted during 
the experiment. For CO stripping, the electrolyte is saturated with carbon monoxide by 
bubbling the CO for 20 minutes. During these 20 minutes, the working electrode is held 
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at -0.5V vs SHE. Then argon is blown into and over the electrolyte solution for 30 
minutes to remove the remaining CO in the electrolyte. Then two voltammograms are 
monitored. For formic acid stripping, electrolytes with different concentration of formic 
acid (0.001M, 0.01M and 0.03M) are tested. After the blank cyclic voltammetry taken by 
bubbling argon into the 0.5M choline based electrolytes, different amounts of formic acid 
are added into the electrolyte. Cyclic voltammetry is taken again and different cyclic 
voltammetry figures are compared to acquire the formic acid reaction peak in the 
electrolyte. Ideally, the faraday peak demonstrates the formic acid should be increased 
with the increase of its concentration.  
 
4.4 Typical SERS Experiment Procedure 
 
4.4.1 SERS Experiment Preparation and Setup  
 
4.4.1.1 Electrode surface polishing 
 
The working electrode for SERS experiments was a 1 cm diameter Au or Ag disk. 
The surface of the electrode was first mechanically polished on 800, and 1200 grit 
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Carbimet paper (Buehler) and using 9, 3, 1, 0.25 micron aqueous diamond suspension on 
a Microcloth pad (Buehler). 
Following the procedure described previously [187], the crystal was roughened 
electrochemically in 0.1M potassium chloride. For Au crystals the potential was first held 
at -1.16V for 10 min and stepped to -0.06V for 2 min. The potential was then swept from 
-0.06V to 1.44V and back for 20 oxidation reduction cycles at 750mV/s. During each 
cycle, the potential was held at -0.06V for 30 s and then at 1.44 V for 2 s. Finally, the 
potential was held at -0.36V for 2 mins to desorb adsorbed Cl. For Ag crystals the anodic 
limit was 0.2 and the cathodic limit was -0.3 versus Ag/AgCl with a scan rate of 500 
mV/s for the same amount of cycles as with Au. After potential cycling, the roughened 
disk was rinsed with coupious amounts of 18.2 MΩ water (Milli-pore). 
 
4.4.1.2 SERS Electrochemical cell setup  
 
A flat quartz window was used, and the working electrode was pulled slightly 
back from the window. Room temperature SERS were obtained using an in-situ cell that 
was described previously (Cite: M. E. Biggin, Ph.D. Thesis, University of Illinois at 
Urbana-Champaign, Champaign, IL (2001)). An He–Ne laser (λ=632.8 nm,Meridith 
Instruments) or a diode pumped laser (λ=532 nm, CrystaLaser) was projected onto the Au 
73 
 
or Ag surface at ~45° incidence. Scattered radiation was collected with F/4 focusing lens 
(Canon) and focused at the entrance slit of a monochromator (Acton Spectrapro). A 1200 
grooves/mm grating dispersed radiation onto a cooled charge-coupled device (Andor). 
The typical acquisition time was 30 s. 
 
4.4.2Electrochemical Surface Enhanced Ramen Spectroscopy 
 
The solution cell, optical layout and procedure used here were a modification of 
those used in earlier work[188]. The glass and Kel-F cell was equipped with a solution 
delivery port, a purge gas delivery port, an outgas bubbler, a counter electrode inserted 
through a Teflon fitting, solution port leading to a capillary bridged reference electrode, 
and an adjustable plunger for the electrochemically roughened surface (the working 
electrode) behind a quartz window sealed with an o-ring. The working electrode was 
positioned such that it was pulled end of the plunger by Teflon tape, and contact was 
made to the back side of the working electrode by using a loop of Au wire placed 
between the electrode and the o-ring. The counter electrode was a Pt wire and the 
reference was Ag/AgCl. 
Potential control was achieved using a CV-27 potentiostat (Bioanalytical 
Systems). Before introduction into the cell, solution was purged with Ar (g). Solution was 
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then delivered to the cell and subsequently to the bubbler and reference electrode 
compartment via Ar pressure through Teflon tubing. Furthermore, Ar was bubbled 
through the cell throughout the experiment.  
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4.5 Figures 
 
Figure 4.1 A schematic of the electrochemical cell, 1-Three neck flask, 2- Luggin 
Capillary, 3- Ag/AgCl reference electrode, 4- Sparging tube, 5-Lure joint for sparging gas, 6- 
Counter electrode, 7-Platinum or gold wire (counter), 8-Platinum or gold mesh (counter), 9- 
working electrode, 10-Glass frit, 11-Electrolyte, 12- Working electrode disk, 13-Glass cap 
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Figure  4.2 (1) Hydrogen adsorption (2) Hydrogen evolution reaction (3) Hydrogen 
oxidation reaction and desorption (4) Double layer and (5) Palladium oxides formation–
dissolution. 
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Chapter 5 Monolayer of Choline Ion Can Suppress the 
Hydrogen Evolution Reaction and Enhance the Desired Reactions 
 
5.1 Introduction 
 
The content in this chapter is a continuation of our efforts to determine whether 
monolayers of organic molecules could be used as ―helper catalysts‖ to speed desired 
electrocatalytic reactions and inhibit undesirable reactions.   The idea of a ―helper 
catalyst‖ is described in Masel [189].   When a monolayer of an organic compound 
adsorbs on a metal surface, the presence of the organic compound can change the binding 
energy of key intermediates.   That can lead to changes in rate.   For example the 
adsorption of a cationic species such as a quaternary amine tends stabilize anionic 
intermediates and destabilize cationic intermediates.   If the amine binds too strongly, it 
will simply poison the surface, but if the binding strength is modest, rate enhancement is 
possible.    
At this point there is very little experimental evidence outside of our laboratory 
that adsorbed molecules can act as helper catalysts although we have started to publish 
results [189, 190].  Still,  previous workers had found tetrabutylammonium hydrogen 
sulfate and dibutyl ammonium hydrogen sulfate[50, 60], can suppress the hydrogen 
evolution in batteries, so there is the possibility of real effects.    
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 The objective of this paper was to determine whether, a simple quaternary amine, 
choline chloride, could be used as a helper catalyst.  Choline chloride is a common food 
additive for livestock that is also sold as a dietary supplement for humans. It is 
inexpensive and edible so it is an attractive as a ―helper catalyst‖.   Importantly, the 
structure of choline chloride is such that it should not bind strongly on transition metals.   
Therefore there was the possibility that choline chloride could be an effective helper 
catalyst.   
In this work we examine the effect of choline chloride on two different reactions: 
The hydrogen evolution reaction (HER) and formic acid electrooxidation.  The HER can 
occur via cationic intermediates so if the arguments in  Masel[189] and Rosen et al[190] 
are correct  Formic acid electrooxidation which can occur by two pathways: a direct 
pathway which has been theorized to occur via a formate intermediate or related 
species[191-196], and an indirect pathway leading to an adsorbed CO.     If the arguments 
in  Masel[189] and Rosen et al[190] are correct and the amine does not bind too strongly, 
there is the possibility that formic acid electrooxidation to be enhanced. 
Importantly, both are desirable results.   The HER is undesirable during CO2 
conversion in aqueous media, because HER competes with the main reaction, CO2 
conversion[181, 197-199].   It is also a side reaction in formic acid fuel cells.   Therefore 
inhibition of the HER would be desirable.  On the other hand formic acid 
electrooxideation is the main reaction in formic acid fuel cells[200-206].   Enhancements 
would be helpful.   
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The objective of the work here was to determine whether choline chloride changes 
the rate of the hydrogen evolution reaction and formic acid electrooxidation.  In detail we 
examined the effect of choline chloride on the rate of both reactions on platinum, 
palladium and gold using mainly cyclic voltametry (CV).  We also compared to three 
standard solutions 0.5M sodium bicarbonate, 0.5M sulfuric acid and a borax buffer 
solution.  Sulfuric acid was an internal standard.   Sodium bicarbonate and the borax 
buffer have a similar pH to our choline chloride solutions, so they were good comparison 
cases.  Our results clearly show a significant suppression of the HER and enhancement of 
formic acid electrooxidation in the presence of the choline chloride. 
 
5.2 Experimental Section 
 
5.2.1  Materials  
 
The catalyst metal black ink is prepared by mixing 5.6mg of metal black (Alfa 
Aesar 99.9% metal basis) with 1ml deoxygenated Millipore water. There are two kinds of 
counter electrodes used in this experiment. For platinum and palladium catalyst, the 
counter electrode is made by attaching a 25x25mm platinum mesh (size 52) to a 5 inch 
platinum wire (99.9%, 0.004 inch diameter). For gold electrode, the counter electrode is 
80 
 
made by attaching a 25x25mm gold mesh (size 52) to a 5 inch gold wire (99.9%, 0.002 
inch diameter). The reference electrode is a silver-silver chloride electrode with Flexible 
Connector (Table 1). Four kinds of electrolyte are used: 0.5M choline chloride, 0.5M 
sodium bicarbonate, 0.5M sulfuric acid and buffer solution. The solutions are prepared 
with triple distilled water. Measurements are taken at 25 °C under argon gas (99.999% 
purity) bubbling at 1 atm. 
 
5.2.2 Instruments 
 
The measurements were made with a Solartron SI 1287 potentiostat in a standard 
three-electrode electrochemical cell with a Ag/AgCl reference electrode. The working 
electrode is prepared by applying the metal black ink onto the gold surface of a rotating 
electrode. The catalyst is applied on the surface of the rotating electrode by adding 
12.5µL of the ink to the surface and allowing the water to evaporate under ambient 
temperature for 60 minutes.  
 
5.2.3 Cyclic voltammetry 
 
81 
 
The electrolytes are first loaded into the glass cell and then purged with dry argon 
(99.99%) for two hours in order to remove oxygen from the electrolytes.   Prior to all 
experiments, a 20-40 linear sweep cyclic voltammograms at 75mV.s
-1
 is taken between -
1.5V and +1V vs. Ag/AgCl reference electrode in order to conditioning the electrodes 
and removing oxides from the surfaces. Then several cycles are performed at 10mV.s-1 
before taking the final cycle to insure that the CV had stabilized (i.e., any ―dirt‖ or other 
material is removed from the surfaces).   Finally, cleaning and stabilizing CV cycles are 
performed at 10mV.s-1. Later, formic acid is added in the electrolyte and the final 
concentrations are 0.001M, 0.01M and 0.03M. CV is obtained again to investigate the 
reaction between formic acid and catalyst surface. In order to ensure the quality of the 
measurements, special attention is paid to the material cleaning and solution purity [207, 
208]. 
 
5.2.4 Calibration of the reference electrode 
 
We initially used a Ag/AgCl reference electrode connected to the cell through a 
lugging cappillary and were hoping that the reference electrode would be stable.  
However, we found that the reference electrode would drift when it was exposed to a 
choline chloride mixture.   Therefore we were careful to calibrate the reference electrode 
against a  reversible hydrogen electrode (RHE) during each experiment.  Essentially, a 
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RHE is set up by bubbling hydrogen over the counter electrode and the potential of this 
electrode is compared to the reference electrode. To measure RHE potential, we short the 
working and the counter electrode lead, then, after bubbling the hydrogen under counter 
electrode for 20 minutes, we measure the open cell potential until it stabilizes. The open 
cell potential is the RHE vs. Ag/AgCl electrode.    This let us determine a reference 
potential for each run.   In the work that follows we plotted the data against the measured 
potential of the reversible hydrogen electrode, to avoid issues with the drift of the 
reference electrode.    
 
Table 5.1: Calculated and measured values of the potential of the Ag/AgCl 
electrode 
 pH Equilibrium potential of the Ag/AgCL electrode 
after exposure to the solution, V vs SHE 
Choline Chloride 8.6 0.08 
1 M sulphuric acid 1.2 0.27 
Sodium Bicarbonate 8.5 0.27 
Buffer 8.6 0.28 
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5.2.5 Chronoamperometry 
 
Chronoamperometry is generally performed by stepping from open cell potential to 
the potential of interest, unless noted otherwise.  The potential mentioned for 
chronoamperometric data is the potential that is stepped to from open cell potential.  We 
prepare two kinds of electrolyte for measurement: 0.01M formic acid solution and 0.01M 
formic acid in 0.5M choline chloride. The potential is hold at 0.2V vs RHE and the 
current-time (I-t) curve is recorded with potentiostat. 
Theoretically, formic acid first adsorbs on the catalyst surface and then goes into two 
reaction routes[209]: direct formation of carbon dioxide and water; or firstly transferring 
to adsorbed carbon monoxide and then becoming carbon dioxide. Here, we contribute the 
elevated current density in choline electrolyte to choline ion‘s ability to prefer the 
reaction through the first route instead of forming adsorbed CO on the surface. 
 
5.2.6 SERS Spectra 
 
In-situ SERS spectral measurements are carried out with a laser source(HeNe 
632.8nm, power-IDK) to excite the samples, a spectrometer (acton spectrapro mocel 
sp2300i ccd Andor idus 420A-bV 26 micron by 26 micron pixels) to detect the Raman 
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signal, a computer for the system control and data acquisition, a potentiostat to control 
the potential of the working electrode and an EC-SERS cell to accommodate the reaction.   
In detail, working electrode is a 10 mm diameter Au disk polished to 1 um with a 
diamond suspension (Buehler) and flamed for 10 minutes with a hydrogen torch. The 
crystal is then electrochemically roughened as shown previously [210] except in a 
solution of 0.5 M choline with an anodic limit of 1.5 V vs Ag/AgCl. The counter 
electrode is a gold wire flamed with hydrogen torch for 2 min and the reference is 
Ag/AgCl. 
Raman experiments are performed using an in-situ electrochemical cell. The He–Ne 
laser (λ=632.8 nm) is projected onto the sample at ~45° incidence. Scattered radiation is 
collected with F/4 focusing lens and focused at the entrance slit of a monochromator. A 
1200 grooves/mm grating dispersed radiation onto a cooled charge-coupled device (CCD, 
Andor). Typical acquisition time is 30 s. 
 
5.3 Results and Discussion 
 
5.3.1  Hydrogen evolution reaction suppression 
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Our first experiments were to determine whether choline chloride would inhibit HER.  
The experiment was to do cyclic voltametry in each of the solutions and see how the 
hydrogen evolution reaction changed.   
Fig. 5.1 presents the cyclic voltammetric measurements of hydrogen evolution 
reaction on platinum catalyst in 0.5 M solutions containing sulfuric acid, bicarbonate, 
borax buffer and choline chloride.  In each case we plot report the potential versus the 
measured value of RHE to avoid the issues with the drift in the Ag/AgCl reference 
electrode.  The sulfuric acid data looks similar to those from the previous literature with 
hydrogen adsorption peaks at 0.11V and 0.27V, and hydrogen desorption peaks at 0.14V, 
0.21V and 0.28V. The hydrogen evolution starts at around 0V.  In sodium bicarbonate 
electrolyte, the peaks related to hydrogen reactions are at almost the same potentials as in 
sulfuric acid. There are hydrogen adsorption peaks at 0.16V and 0.30V, and hydrogen 
desorption peak at 0.20V and 0.30V. The hydrogen evolution reaction begins at 0V as 
well. The same situation happened in buffer solution, which shows the hydrogen 
adsorption peaks at 0.17V and 0.27V, and hydrogen desorption peak at 0.14V and 0.31V. 
In this case, the hydrogen evolution reaction starts at 0V, but proceeds to bulk reaction 
slower than in sulfuric acid and sodium bicarbonate.  
Everything changes in the choline chloride electrolyte.   We do not observe the 
characteristic hydrogen adsorption and desorption peaks.   There is a peak at 0.33V (RHE) 
that we attribute  to the interaction between choline ion and catalyst surface and a 
hydrogen reduction peak at about -0.4 V  vs RHE.     
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We also tested other catalysts such as Pd and Au. We observed the same suppression 
phenomenon of hydrogen evolution reaction. 
 In palladium catalyst, the bulk hydrogen evolution happened at 0.07V in sulfuric acid 
(see Figure 5.2). Hydrogen adsorption happened at 0.21V and 0.27V, and hydrogen 
desorption at 0.19V and 0.26V. In sodium bicarbonate, the obvious peaks of hydrogen 
adsorption and desorption are at 0.20V and 0.30V. The huge peak ranging from 0.30V to 
0.66V is related to the reversible reaction of reduction products with catalyst surface, 
because the peak will increase if we push the potential to more negative value. In buffer 
solution, we can still observe hydrogen adsorption peak at 0.19V and hydrogen 
desorption peak at 0.36V. In both sodium bicarbonate and buffer solution, the hydrogen 
evolution reaction start around the same potential as sulfuric acid, but the bulk hydrogen 
evolution reaction happened slower than in sulfuric acid.  
In choline chloride, there is a smooth line at the point where hydrogen adsorption 
happens in other electrolytes and we still do not observe the characteristic potential 
change of hydrogen adsorption. The hydrogen evolution starts smoothly below about -
0.5V. 
Gold shows less active than the catalysts discussed before according to Figure 5.3. In 
four kinds of electrolyte, we can hardly see the hydrogen adsorption peaks. In sulfuric 
acid, hydrogen evolution starts at around 0V in agreement with previous literature[211]. 
In sodium bicarbonate and buffer solution, the hydrogen evolution happened at the same 
potential as the sulfuric acid. In choline chloride, however, the hydrogen evolution 
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reaction starting at -0.3V.  Therefore, with gold catalyst, choline chloride still shows the 
strongest suppression of the hydrogen evolution reaction among all four electrolytes.  
 
5.3.2 Tests to examine the effect of choline chloride on the formic acid electro-
oxidation 
 
The results in the previous section indicate that hydrogen formation is strongly 
suppressed in the presence of choline chloride.   The next question we wanted to address 
is whether we have completely poisoned the catalyst, or whether we have instead had a 
positive effect of formic acid electrooxiddation.  
Figure 5.4 shows a series of CV‘s of formic acid on a palladium catalyst.   There are 
two formic acid oxidation peaks, one at about zero and a second at about 0.4 V.  These 
are similar positions to those we have observed previously on palladium, although we do 
see conversion at lower potential than we observe in clean palladium[191, 192, 194, 195, 
204, 212].  The only major difference is that the large hydrogen evolution peaks are 
suppressed.    Notice that there is considerable current at voltages between 0.1 and 0.4 V 
vs RHE.  This is the same range where the anodes in formic acid fuel cells operate[191-
196, 200-206, 212, 213].    Evidently, choline chloride does not suppress the electro-
oxidation of formic acid on palladium.   
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Figure 5.5 shows the CV of formic acid in choline chloride on platinum. The currents 
are smaller here, but again we observe some formic acid electroxidation near zero with 
respect to RHE, and more around 0.6 V.   Formic acid electrooxidation can follow two 
different routes on platinum, a direct pathway and a pathway going through a CO 
intermediate[193, 195, 213],   The oxidation peak around 0 V with respect to RHE, and 
the reduction peak  around -0.1 V with respect to RHE are characteristic of the direct 
pathway, while the shoulder around 0.6 V is characteristic of the CO pathway.   The fact 
that these positions are at about the same potential as on platinum shows that formic acid 
electro-oxidation on platinum is not strongly inhibited by the presence of choline chloride.       
We have also done the same experiment on a gold surface.   Figure 5.6 shows the 
cyclic voltammetry of formic acid on gold.   Formic acid electrooxidation on gold is hard 
to study because much of the chemistry occurs below RHE, and is swamped by the 
hydrogen reduction reaction.   The hydrogen reduction reaction is suppressed in the 
presence of the choline chloride, and instead we observe a fairly large formic acid 
reduction peak at about -0.3 V.    
These results demonstrate that formic acid oxidation and reduction are not suppressed 
in the presence of choline chloride even though hydrogen evolution is suppressed.  
 
5.3.3   Chronoamperometry 
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The next question is whether formic acid electrooxidation would be enhanced in the 
presence of choline chloride.   Figure 5.7 shows chronoamperometric scans for Pt held at 
0.2 V vs RHE in choline chloride electrolyte with 0.01M formic acid compared to pure 
formic acid. We chose 0.2 V because at this potential is similar to that used in formic acid 
fuel cells[195, 200-206].   
For both chronoamperometric curves, the current density starts out high on the Pt 
surface. Then as formic acid is depleted near the electrode surface, the current density 
rapidly drops and later become relatively stable for 5 hours. After around 6 hours, the 
current density with pure formic acid electrolyte becomes zero and then switches to 
negative value. The activity of the Pt catalyst with formic acid and choline chloride, 
however, still stay relatively high even after 6-hour operation. Results also demonstrate 
above an order of magnitude improvement in the measured current density for this 
electrolyte over that of pure formic acid solution.  
 
5.3.4 SERS 
 
In other work we have done surface enhanced raman spectroscopy to examine choline 
chloride adsorption on gold films (Figure 5.8).   In all cases we observe strong peaks at 
2976 cm
-1
, 1453 cm
-1
, 967 cm
-1
, 717 cm
-1
 as expected for adsorbed choline cations.   
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Therefore we concluded that choline ions adsorb molecularly on gold as we would have 
expected. 
 
5.4  Discussion 
 
This work clearly demonstrates that choline chloride can act as a helper catalyst.  
Previous workers had shown that a different quaternary amine could suppress the HER in 
batteries[50, 60], but what is special about our work is that we have observed suppression 
of an undesirable reaction and enhancement of a desirable one.    
From the data here we do not know whether it is the choline or the chloride that is 
enhancing the reaction, but in related work we found that other choline compounds 
(Choline-BF4, Choline-acetate) give similar effects.   Therefore we assert that the choline 
ion is enhancing the reaction. 
Figure 5.9 and Figure 5.10 shows a schematic of our proposed mechanism of the 
process.  Without suppression agent such as choline ion, when the electrode potential is 
more negative than the potential of zero charge (PZC), the surface will be negatively 
charged and the protons interact with the surface easily. However, when choline cations 
are added in the solution, a thin layer of choline ion forms on the catalyst surface as seen 
in SERS.  The thin layer of choline causes the surface to be positive charged, which will 
block further adsorption of protons on the surface.   However, after the potential reaches 
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so negative that the positive charged choline ion cannot balance the negative charged 
catalyst surface, protons can finally reach the catalyst surface, and go through reduction 
process to release hydrogen. This process results in an increased overpotential of proton 
reduction on the catalyst surface as observed experimentally.  
Formic acid electrooxidation shows the opposite effect.  This is harder to explain.  
Formic acid goes by two pathways on platinum: a direct and indirect pathway[191, 192, 
194, 195, 204, 212].   While we expected the direct pathway to be enhanced, the results in 
Figure 5.7 show that the indirect pathway leading to CO poisoning is also suppressed 
since the reaction was not rapidly poisoned. 
We can explain the data if we assume that the mechanism of formic acid 
electrooxidation follows the a direct pathway such as 
HCOOH → HCOO─(ad)  + H
+
   
 HCOO
─
(ad) + 2 e
─→ CO2 + H
+
  
     And an indirect pathway such as 
HCOOH + H
+→ HCO(ad)    
 HCO(ad) → CO(ad) + H
+
   
CO(ad) + H2O +2 e
─→ CO2 + 2H
+
 
The indirect pathway would be suppressed since adsorbed H
+
 is destabilized, while 
the direct pathway would be enhanced due to stabilization of the formate.    Admittedly, 
while we have observed the formate and formyl species in ultra high vacuum (UHV)[196, 
214-216],  we have not observed these species during formic acid electrooxidation on our 
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most active electrocatalysts.  Thus, this mechanism is speculative.   Still, it is a 
reasonable hypothesis given our observations.   
5.5 Conclusion 
 
In summary then we find that choline chloride has fascinating effects on the rates of 
electrocatalytic reactions.  On one hand, it suppresses two undesirable reactions: the 
hydrogen evolution reaction, and CO formation during formic acid electro-oxidation.   
Yet it enhances another reaction, the direct electrooxidation of formic acid on platinum 
and palladium.  Further it extends the region where electrochemical experiments can be 
done to lower potentials.   These results demonstrate that organic additions can have 
unexpected influences on electrocatalytic reactions, and therefore need to be explored. 
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5.7 Figures 
 
Figure 5.1 Cyclic voltammetry of platinum in different electrolytes: (—) 0.5M choline 
chloride; (——) 0.5M NaHCO3; (- - -) 0.5M H2SO4; () buffer solution (borax and hydrochloride 
acid).  In each case we report the potential versus the measured value of RHE. 
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Figure 5.2 Cyclic voltammetry of palladium in different electrolytes: (—) 0.5M choline chloride; 
(——) 0.5M NaHCO3; (- - -) 0.5M H2SO4; () buffer solution (borax and hydrochloride acid). 
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Figure 5.3 Cyclic voltammetry of gold in different electrolytes: (—) 0.5M choline chloride; (—
—) 0.5M NaHCO3; (- - -) 0.5M H2SO4; () buffer solution (borax and hydrochloride acid). 
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Figure 5.4 Cyclic voltammetry of palladium in choline chloride with different concentration of 
formic acid: (—) 0.03M formic acid; (- - -) 0.01M formic acid; () 0.001M formic acid. 
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Figure 5.5 Cyclic voltammetry of platinum in choline chloride with different concentration of 
formic acid: (—) 0.03M formic acid; (- - -) 0.01M formic acid; () 0.001M formic acid. 
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Figure 5.6 Cyclic voltammetry of gold in choline chloride with different concentration of formic 
acid: (—) 0.01M formic acid; (- - -) 0.001M formic acid. 
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Figure 5.7 Chronoamperometric data for Pt black on gold electrode at 0.2 V vs RHE in pure 
formic acid solution and formic acid solution with choline chloride 
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Figure 5.8 SERS spectra of choline chloride with gold catalyst
101 
 
 
 
Figure 5.9 Formic acid reaction at so negative potential level on catalyst surface with choline 
chloride 
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(b) 
Figure 5.10  Hydrogen evolution reaction at so negative potential level on catalyst surface with 
choline chloride 
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Chapter 6: Carbon Dioxide Conversion in Choline Chloride 
with Lower Overpotential 
 
6.1 Introduction 
 
Recycling of CO2 back into fuels or other useful products is critically important to 
the World's efforts to reduce global warming. CO2 is a valuable reactant for the synthesis 
of many chemical products, and electrochemical method is regarded as a promising way. 
The central problem with this approach, however, is the higher overpotential needed for 
the conversion of CO2 into useful fuels. Usually, the overpotential for 50% electron 
conversion efficiencies is as high as ~1.5V., and no stable catalyst has shown significant 
conversion at cathode potentials less negative than -1V [217, 218], compared to a 
thermodynamic potential only about -0.2V in acid solution.  Not surprisingly, the 
overpotential should be reduced to minimum in order to make any electrochemical 
reaction economically sound.  
In this study, we want to see if we can use choline chloride as an electrolyte to 
lower the overpotential of carbon dioxide reduction. Choline chloride is an important 
additive in feedstock and one of inexpensive quaternary ammonium salts. Interestingly, 
our results demonstrate that with choline chloride as the electrolyte, the carbon dioxide 
reduction happens even above the calculated thermodynamic potential value.  
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In literature, there have been many studies on the electroreduction of CO2 in 
different solvents (protic or aprotic), in which the solubility of the reactant varies [123, 
219-221]. In aqueous media, the metal electrode can transform CO2 into other products 
with low overpotential. However, the hydrogen evolution prevails after the electrode 
surface is fully covered with adsorbed intermediate and the reaction does not proceed 
further.  
In a previous work [222], we showed the ability of choline chloride to suppress 
the hydrogen evolution. Here, we would like to demonstrate its ability to reduce the 
overpotential in carbon dioxide electroreduction process. We have used three electrode 
electrochemical cell, 0.5M choline chloride as the electrolyte, and four different working 
catalysts; Pt, Pd, Au and Pt/Ru. It is shown that carbon monoxide is found mainly 
accumulated on Pt, Au and Pt/Ru catalysts, and formic acid is found accumulated on Pd 
catalyst. 
 
6.2 Experimental Section 
 
6.2.1 Catalyst materials 
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The catalyst metal black ink is prepared by mixing 5.6mg of metal black (Alfa 
Aesar 99.9% metal basis) with 1ml deoxygenated Millipore water. There are two kinds of 
counter electrodes used in this experiment. For platinum and palladium catalyst, the 
counter electrode is made by attaching a 25x25mm platinum mesh (size 52) to a 5 inch 
platinum wire (99.9%, 0.004 inch diameter). For gold electrode, the counter electrode is 
made by attaching a 25x25mm gold mesh (size 52) to a 5 inch gold wire (99.9%, 0.002 
inch diameter). The reference electrode is a silver-silver chloride electrode with Flexible 
Connector (Table 1). 0.5M choline chloride is used as electrolyte. The solutions are 
prepared with triple distilled water. Measurements are taken at 25 °C under argon gas 
(99.999% purity) bubbling at 1 atm. 
 
6.2.2 Instruments 
 
Experiments are carried out in a custom-made 150mL, three-electrode 
electrochemical glass cell. The working electrode is prepared by applying the metal black 
ink onto the gold surface of a rotating electrode. The catalyst is applied on the surface of 
the rotating electrode by adding 12.5µL of the ink to the surface and allowing the water 
to evaporate under ambient temperature for 60 minutes. The working electrode, reference 
electrode and counter electrode are connected to a potentiostat (Solartron SI 1287). 
(Table 6.1) 
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6.2.3 Cyclic voltammetry 
 
The electrolytes are first loaded into the glass cell and then purged with dry argon 
(99.99%) for two hours in order to remove oxygen from the electrolytes. Prior to all 
experiments, a 20-40 linear sweep cyclic voltammograms at 75mV.s-1 is taken between -
1.5V and +1V vs. Ag/AgCl reference electrode in order to conditioning the electrodes, 
removing oxides from the surfaces. After, several cycles are performed at 10mV.s-1 
before the final cycle to insure that the CV had stabilized (i.e., any ―dirt‖ or other 
material is removed from the surfaces). Finally, cleaning and stabilizing CV cycles are 
performed at 10mV.s-1 within the range of -1V to 0.3V. Then CO2 was bubbled in the 
solution at 1atm pressure for 20 minutes. Cyclic voltammetry is conducted again at a 
sweep rate of 10mV/s in the range from -1V to 0.3V.  In order to ensure the quality of the 
measurements, special attention is paid to the material cleaning and solution purity [207, 
208]. 
 
6.2.4 Electrochemical identification of the reaction products 
 
Next, the potential is held at the value where carbon dioxide reduction dominated and 
little hydrogen evolution reaction is seen for 20 minutes. Cyclic voltammetry is once 
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again conducted at a sweep rate of 10mV/s in the range from 1V to carbon dioxide 
dominate potential for three cycles. 
With the same electrochemical system, CO stripping voltammetry and fomic acid 
stripping voltammetry are also conducted during the experiment. For CO stripping, the 
electrolyte is saturated with carbon monoxide by bubbling the CO for 20 minutes. During 
these 20 minutes, the working electrode is held at -0.5V vs SHE. Then argon is blown 
into and over the electrolyte solution for 30 minutes to remove the remaining CO in the 
electrolyte. Then two voltammograms are monitored. The active area of metal catalyst is 
deduced from the coulometry of the CO-stripping peak in the first cycle.  
For fomic acid stripping, electrolytes with different concentration of formic acid 
(0.001M, 0.01M and 0.03M) are tested. After the blank cyclic voltammetry taken by 
bubbling argon into the 0.5M choline chloride, different amount of formic acid is added 
into 0.5M choline chloride. Cyclic voltammetry is taken again and different cyclic 
voltammetry figures are compared to acquire the formic acid reaction peak in the 
electrolyte. 
 
6.2.5 SERS Spectroscopy 
 
In-situ SERS spectral measurements are carried out with a laser source(wavelength, 
power) to excite the samples, a spectrometer (model) to detect the Raman signal, a 
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computer for the system control and data acquisition, a potentiostat to control the 
potential of the working electrode and an EC-SERS cell to accommodate the reaction.   
In detail, working electrode is a 10 mm diameter Au disk polished to 1 um with a 
diamond suspension (Buehler) and flamed for 10 minutes with a hydrogen torch. The 
crystal is then electrochemically roughened as shown previously [210] except in a 
solution of 0.5 M choline with an anodic limit of 1.5 V vs Ag/AgCl. The counter 
electrode is a gold wire flamed with hydrogen torch for 2 min and the reference is 
Ag/AgCl. 
Raman experiments are performed using an in-situ electrochemical cell. The He–Ne 
laser (λ=632.8 nm) is projected onto the sample at ~45° incidence. Scattered radiation is 
collected with F/4 focusing lens and focused at the entrance slit of a monochromator. A 
1200 grooves/mm grating dispersed radiation onto a cooled charge-coupled device (CCD, 
Andor). Typical acquisition time is 30 s. 
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Table 6.1 Apparatus and experimental conditions: 
Cell Three-electrode glass cell 
Potentiostat Solartron SI 1287 
Potential sweep Solartron SI 1287 
 Working electrode 5.6mg/ml Platinum black, Palladium black, 
Platinum/Ruthenium and Gold surface 
\Counter electrode Platinum mesh, Gold mesh  
Reference electrode RE-5B Ag/AgCl Reference Electrode with Flexible Connector 
 Electrolyte Choline Chloride 0.5M 
 Pressure 1 atm 
 Potential -1.0V -0.3V for Choline Chloride  
Temperature 298.15K 
 
6.3 Results and discussion 
 
6.3.1 Lowering the Overpotential for Carbon Dioxide Reduction with 
Different Catalyst 
 
Figure 6.1-6.4 show carbon dioxide reduction in 0.5M choline chloride with 
different catalysts. In Figure 6.1, carbon dioxide reduction on Pt starts after -0.50V. In the 
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range from -0.50V to -0.65V, we observe obvious carbon dioxide reduction peaks when 
hydrogen evolution does not occur.  
Figure 6.2  shows that carbon dioxide reduction on Pd happens in the range from -
0.36V to -0.66V, mixed with the hydrogen evolution. However, according to the smooth 
CV curve of control experiment, hydrogen evolution will not outpace the carbon dioxide 
reduction, as a consequence, but will lower the competition between the two reactions. 
In Figure 6.3 carbon dioxide reduction on Pt/Ru begins to at a reduced potential -
0.37V. Below -0.67V, carbon dioxide reduction is mixed with hydrogen evolution. 
Therefore, during the potential window from -0.67V to -0.37V, carbon dioxide reduction 
is more rapid than hydrogen evolution. 
For gold electrode (Figure 6.4), carbon dioxide reduction happens below the potential 
-0.35V and extends even further below the bulk hydrogen evolution reaction. 
We also performed potential static experiments combined with stripping cyclic 
voltammetry measurements to determine what product resulted from the reaction of CO2 
reduction. During the experiments, we held the potential at the value where CO2 
conversion relatively high and hydrogen evolution is still low (such as -0.6V vs. SHE for 
Platinum catalyst), then the stripping cyclic voltammetry is conducted in order to record 
the current change at certain potential levels due to products being removed from surface.  
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6.3.2 Electrochemical Identification of Carbon Dioxide Reduction Products 
 
Figures 6.5-6.7 depicts the stripping voltammetry characteristics on three catalysts (Pt, 
Pd and Pt/Ru).  Pt (Figure 6.5) initially shows the typical primary stripping peak at 0.71 
V, which represents that CO is striped out of catalyst surface. Therefore, in the second 
cycle, because no or very limited CO will still remain on the catalyst surface, we can 
hardly see the CO peak anymore.  
Pd (Figure 6.6) displays a single stripping peak initially at 0.23 V. At this value, the 
product of carbon dioxide reduction is formic acid compared to literature value [222]. 
The peak height decreases in the next cycle because limited amount of formic acid will 
remain on the surface. 
Pt/Ru (Figure 6.7) displays an increasing peak at 0.35V and achieves its maximum at 
0.56 V. Compared to literature [223], we can conclude that the peak represents CO 
interaction with the catalyst surface.  
For gold electrode (Figure 6.8), we conducted the stripping experiment after holding 
the potential at -0.7V for 20 minutes. The stripping figured does not show the distinct 
faraday peak demonstrating the product formation on the catalyst surface. However, a 
small increase of the current density in the first cycle compared to the second cycle 
indicates there are reactions happening on the catalyst surface.  
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In order to investigate the surface reactions as well as identify the major product of 
CO2 reduction on the gold catalyst, we used surface enhanced Raman spectra (SERS) (see 
Figure 6.9). At -0.7 V vs SHE, almost no adsorption of CO product was observed from 
SERS signal, which confirms that the increase of the current density in Figure 6.8 is not 
due to the product of CO. At -0.8 V, a peak appeared at 2100 cm
-1
. The spectroscopic 
peak is identified as a linear CO derived from CO2 on Au [224]. At -0.9 V, the peak 
intensity increases. 
 
6.3.3 SERS Identification of Carbon Dioxide Reduction Products 
 
It is noticeable that for gold electrode, the carbon dioxide reduction starts at around -
0.35V. However, we observed the carbon monoxide product using SERS facility lower 
than -0.7V. It demonstrates that there is a potential range (-0.7V to -0.35V) where carbon 
dioxide is reduced but no carbon monoxide forms yet. We assume this result is due to the 
stable intermediate forming on the catalyst surface during a certain potential range. When 
the potential become more negative, the stable intermediate finally becomes product. 
 
6.3.3.1 Mechanism Discussion 
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Previous literature [102, 103, 106, 110, 225-228] demonstrates the kinetics and 
mechanism of carbon dioxide reduction to formic acid or carbon monoxide in aqueous 
solutions as follows: 
CO2(ads) + e
-
 =(CO2)

 (ads) 
CO2-(ads) + H
+
 + e
-
  HCOO-  
CO2-(ads) + 2H
+
 + 2e
-
  CO + H2O 
In these processes, the high overpotential is caused by the large energy barriers due to 
the transferring between the adsorbed carbon dioxide and (CO2)

 (ads). 
However, when choline cations are added in the solution, a thin layer of choline ions 
forms on the catalyst surface. There are two possible mechanism routes for carbon 
dioxide reduction with the thin layer of choline ions The first route (Figure 6.10,Route 1) 
is that the adsorbed carbon dioxide transfers to (CO2)

 (ads) at first. Then, the surface with 
positive charged choline ions will lower energy barriers of the formation of the 
negatively charged CO2)

 (ads). Therefore, it causes the lower overpotential for the carbon 
dioxide reduction. The second possible mechanism route (Figure 6.10, Route 2) is that 
when carbon dioxide comes close to the catalyst surface, it forms an (CO2)

 intermediate 
with the choline ion. This choline-(CO2)

 intermediate requires lower energy to form, as a 
result, the energy requirement of the whole process of carbon dioxide reduction will be 
reduced. This assumption is based on the previous paper written by Brian Rosen et al 
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[229], which demonstrated that the overpotential for carbon dioxide reduction is lower by 
the co-catalyst EMIM-BF4 because of the  formation of an EMIM-BF4-CO2

 complex 
during the reaction. Moreover, the thin layer of choline ion will also block the further 
adsorption of protons on the surface. Consequently, the hydrogen evolution reaction is 
suppressed during the carbon dioxide reduction process, which eliminates most of the 
energy lost due to HER.  
In detail, we would like conduct quantitive analysis to show the effect of adding 
choline chloride to lower the overpotential for carbon dioxide reduction (Table 6.1). In 
order to calculate the theoretical value of the potential for carbon dioxide reduction in 
choline chloride, we need to compensate the pH effect on potential value. From the 
Nernst Equation, for a pH increase of 1, the cyclic voltammetric figure will shift to lower 
potential by 0.059V. For example, for 0.5M choline chloride, the PH is 8.5. Therefore, 
their cyclic voltammetric figures will shift to left by 0.089V compare to the cyclic 
voltammetric figures in neutral solution[230].   
In choline chloride electrolyte, products can accumulate on surface at the potential 
less negative than equilibrium potential in water for platinum, palladium and 
platinum/ruthenium catalyst. The overpotential for CO2 conversion with gold catalyst is 
lowered.  
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Table 6.2 Potential range of carbon dioxide reduction in different catalyst. 
Catalyst Main Products Carbon Dioxide reduction 
potential range (before HER) 
Theoretical 
Potential 
Pt CO -0.50V  ~ -0.65V -0.609V 
Pd Formic Acid -0.36V  ~ -0.66V -0.699V 
Pt/Ru CO -0.37V ~ -0.67V -0.609V 
Au CO -0.35V ~ -0.75V -0.609V 
 
6.4 Conclusion 
 
We have studied using choline chloride, a low-cost type of quandary ammonium slat, 
as electrolyte in the CO2 reduction with electrochemical analysis. Different metal 
catalysts are employed in the reaction. Special procedures are adopted to stabilized 
catalytic electrodes and purge residue gas from electrolyte solutions. Cyclic 
voltammograms show that the presence of choline chloride significantly reduced the 
overpotential, a key challenge causes low efficiency in CO2 conversion, by suppression 
of hydrogen evolution and lowering CO2 conversion potential; therefore reduced the 
competition between water to hydrogen and carbon dioxide conversion reactions. The 
stripping voltammetry and SERS experiments help identifying the major products with 
different catalytic metals. The results have determined that the CO evolution dominates 
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on platinum, platinum and ruthenium and gold catalysts, and formic acid was the 
dominating product on palladium catalysts. 
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6.6  Figures 
 
Figure 6.1 Carbon dioxide reduction in 0.5M choline chloride with Pt catalysts. (---)cyclic 
voltammetry with argon in electrolyte; (—)cyclic voltammertry with CO2 in the electrolyte. 
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Figure 6.2 Carbon dioxide reduction in 0.5M choline chloride with Pd catalysts. (---)cyclic 
voltammetry with argon in electrolyte; (—)cyclic voltammertry with CO2 in the electrolyte. 
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Figure 6.3 Carbon dioxide reduction in 0.5M choline chloride with Pt/Ru catalysts. (---
)cyclic voltammetry with argon in electrolyte; (—)cyclic voltammertry with CO2 in the 
electrolyte. 
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Figure 6.4 Carbon dioxide reduction in 0.5M choline chloride with Au catalysts. (---)cyclic 
voltammetry with argon in electrolyte; (—)cyclic voltammertry with CO2 in the electrolyte. 
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Figure 6.5 Stripping voltammograms with Pt in 0.5M Choline Chloride following 20 min 
CO2 adsorption and reaction: (---)cyclic voltammetry with argon in electrolyte; (—)cyclic 
voltammertry with CO2 in the electrolyte. 
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Figure 6.6 Stripping voltammograms with Pd in 0.5M Choline Chloride following 20 min 
CO2 adsorption and reaction: (---)cyclic voltammetry with argon in electrolyte; (—)cyclic 
voltammertry with CO2 in the electrolyte. 
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Figure 6.7 Stripping voltammograms with Pt/Ru in 0.5M Choline Chloride following 20 min 
CO2 adsorption and reaction: (---)cyclic voltammetry with argon in electrolyte; (—)cyclic 
voltammertry with CO2 in the electrolyte. 
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Figure 6.8 Stripping voltammograms with Au in 0.5M Choline Chloride following 20 min 
CO2 adsorption and reaction: (---)cyclic voltammetry with argon in electrolyte; (—)cyclic 
voltammertry with CO2 in the electrolyte. 
 
 
 
125 
 
 
Figure 6.9 SERS spectra of CO2 reduction on Au surface 
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Figure 6.10 Mechanism of CO2 reduction in choline chloride  
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Chapter 7 Effect of Different Anions in Choline Based 
Electrolyte on Hydrogen Evolution Reaction and Carbon Dioxide 
Reduction 
 
7.1 Introduction 
 
In previous research, hydrogen evolution reaction suppression in aqueous solution 
has been achieved with choline chloride solution. Moreover, with the same electrolyte, 
recycling of CO2 back into fuels or other useful products with lower overpotential is 
fulfilled. As we know, choline chloride is an important additive in feedstock and one of 
the inexpensive quaternary ammonium salts, which has its own advantages over other 
quaternary ammonium salts.  
Here, we would like to investigate the effect of different anions on the ability of 
choline to suppress the hydrogen evolution reaction and convert the CO2into useful 
products. Chloride anion is a very interesting ion and deserves our attention. In previous 
research we assumed the chloride ion has little or no effect on the CO2 reduction process 
because of the negative charge on the catalyst surface. However, chloride ion might still 
have some effects on the reactions happening on catalyst surface. Moreover, in SERS 
research area, chloride is considered as one of the strongest binding ion on metal surface 
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[231]. Therefore, it will be important to compare chloride ion with other anions to see the 
strength of the effect. 
There has been extensive research related to the interaction between choline ion 
and gold surface. Liu et al. [232] studied  the adsorption of 3-mercapto-1-propanesulfonic 
acid (MPS) and bis(3-sulfopropyl)-disulfide (SPS) on Au(111) electrode in a HClO4 
aqueous solution. Chloride ions were introduced into the electrolyte solution, and CV 
results show that chloride ion can induce the adsorption of thiol molecules on the Au(111) 
surface. Watling et al. [233] used SERS techniques to show that in acidic or neutral 
solution, chloride ion is adsorbed prior to gold dissolution and the scattering of (AuCl)-
(ads) shifts to higher wavenumbers with increasing electrode potential. Vivek and his 
coworkers [234] analyzed the influence of halide ions on the stability of gold 
nanoparticles with a monolayer of dimethylaminopyridine (DMAP) or its conjugate acid 
(DMAPH(+)). Results show that at high pH, chloride ions are able to displace DMAP 
from the gold surface at low pH. For other kinds of metal electrodes, Ofstad et al. [235] 
showed that an electrode made from a fuel cell catalyst (50 wt % Pt/C) lost 10% of its 
platinum content over a 24hour period when exposed to in a sulfuric acid solution 
containing 10 ppm of chloride. Lubert et al. [236] revealed the existence of a 
chloropalladate(II) complex at the electrode surface if there were electrode reactions of 
palladium(II) at non-modified carbon paste electrodes (CPEs) in chloride solution.  
Besides the choline chloride, we use other two electrolytes, choline 
tetrafluoroborate and choline acetate. One reason to use these two quaternary ammonium 
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salts is that the anion will interact with catalyst surface. Lin et al. [237] revealed that the 
tetrafluoroborate ion in ionic liquid has effects on a significant long-range surface 
restructuring of gold surface. Calaza et al. [238] mentioned that acetate is weakly 
adsorbed on Au/Pd(111) alloy surface. Another reason is that these two kinds of anions 
have different proton donation and acceptation ability, which will affect the proton 
transfer process and later the carbon dioxide process. Berna et al. [239] studied acetate 
adsorption at gold electrodes in perchloric acid solutions by cyclic voltammetry and in-
situ infrared spectroscopy. Results showed that bonding of acetate to the surface involves 
the two oxygen atoms of the carboxylate group, with the OCO plane perpendicular to the 
metal surface.  
In this study, we have used three-electrode electrochemical cell, 0.05M choline 
chloride, 0.05M choline acetate and 0.05M choline BF4 individually as the electrolytes, 
and three different working catalysts, Pt, Pd and Au. Results demonstrated that different 
anions have little effect on hydrogen evolution reaction and carbon dioxide reduction. 
 
7.2 Experiment 
 
7.2.1 Catalyst materials 
 
130 
 
The catalyst metal black ink is prepared by mixing 5.6mg of metal black (Alfa Aesar 
99.9% metal basis) with 1ml deoxygenated Millipore water. There are two kinds of 
counter electrodes used in this experiment. For platinum and palladium catalyst, the 
counter electrode is made by attaching a 25x25mm platinum mesh (size 52) to a 5-inch 
platinum wire (99.9%, 0.004 inch diameter). For gold electrode, the counter electrode is 
made by attaching a 25x25mm gold mesh (size 52) to a 5-inch gold wire (99.9%, 0.002 
inch diameter). The reference electrode is a silver-silver chloride electrode with Flexible 
Connector (Table 1). 0.5M choline chloride is used as electrolyte. The solutions are 
prepared with triple distilled water. Measurements are taken at 25 °C under argon gas 
(99.999% purity) bubbling at 1 atm. 
 
7.2.2 Instruments 
 
Experiments are carried out in a custom-made 150mL, three-electrode 
electrochemical glass cell. The working electrode is prepared by applying the metal black 
ink onto the gold surface of a rotating electrode. The catalyst is applied on the surface of 
the rotating electrode by adding 12.5µL of the ink to the surface and allowing the water 
to evaporate under ambient temperature for 60 minutes. The working electrode, reference 
electrode and counter electrode are connected to a potentiostat (Solartron SI 1287, Table 
7.1). 
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7.2.3 Calibration of the reference electrode 
 
Since the reference electrode is Ag/AgCl and it is desired to report findings in terms 
of the reversible hydrogen electrode (RHE) to neglect the effect of the PH on hydrogen 
evolution reaction, the reference electrode has to be calibrated versus RHE.  As 
mentioned in previous chapter, a RHE is set up by bubbling hydrogen over the counter 
electrode and the potential of this electrode is compared to the reference electrode. To 
measure RHE potential, we short the working and the counter electrode lead, then, after 
bubbling the hydrogen under counter electrode for 20 minutes, we measure the open cell 
potential until it stabilizes. The open cell potential is the RHE vs. Ag/AgCl electrode.  
 
7.2.4 Cyclic voltammetry 
 
The electrolytes are first loaded into the glass cell and then purged with dry argon 
(99.99%) for two hours in order to remove oxygen from the electrolytes. Prior to all 
experiments, a 20-40 linear sweep cyclic voltammograms at 75mV.s-1 is taken between -
1.5V and +1V vs. Ag/AgCl reference electrode in order to conditioning the electrodes, 
removing oxides from the surfaces. After, several cycles are performed at 10mV.s-1 
before the final cycle to insure that the CV had stabilized (i.e., any ―dirt‖ or other 
material is removed from the surfaces). Finally, cleaning and stabilizing CV cycles are 
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performed at 10mV.s-1 within the range of -1V to 0.3V. Then CO2 is bubbled in the 
solution at 1atm pressure for 20 minutes. Cyclic voltammetry is conducted again at a 
sweep rate of 10mV/s in the range from -1V to 0.3V.  To ensure the quality of the 
measurements, special attention is paid to the material cleaning and solution purity [207, 
208]. 
 
7.2.5 SERS Spectroscopy 
 
In-situ SERS spectral measurements are carried out with a laser source  to excite the 
samples, a spectrometer to detect the Raman signal, a computer for the system control 
and data acquisition, a potentiostat to control the potential of the working electrode and 
an EC-SERS cell to accommodate the reaction.   
In detail, working electrode is a 10 mm diameter Au disk polished to 1 um with a 
diamond suspension (Buehler) and flamed for 10 minutes with a hydrogen torch. The 
electrode is then electrochemically roughened as shown previously [210] except in the 
electrolyte with an anodic limit of 1.5 V vs Ag/AgCl. The counter electrode is a gold wire 
flamed with hydrogen torch for 2 min and the reference is Ag/AgCl. 
Raman experiments are performed using an in-situ electrochemical cell. A He–Ne 
laser (λ=632.8 nm) is projected onto the sample at ~45° incidence. Scattered radiation is 
collected with a F/4 lens and focused at the entrance slit of a monochromator. A 1200 
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groove/mm grating diffracted radiation onto a cooled CCD detector (Andor model ?). 
Typical acquisition time is 30 s. 
 
Table 7.1 Apparatus and experimental conditions: 
Cell Three-electrode glass cell 
Potentiostat Solartron SI 1287 
Potential sweep Solartron SI 1287 
Working electrode 5.6mg/ml Platinum black, Palladium black, and Gold surface 
Counter electrode Platinum mesh, Gold mesh  
Reference electrode RE-5B Ag/AgCl Reference Electrode with Flexible Connector 
Electrolyte 
0.05M Choline Chloride, 0.05M Choline Acetate, 0.05M 
Choline BF4 
 Pressure 1 atm 
 Potential -1.0V -0.3V  
Temperature 298.15K 
 
7.3 Results 
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7.3.1  Experimental measurement of RHE vs Ag/AgCl electrode 
 
From the Nernst equation, the pH value will affect the cyclic voltammetric curves. 
Basically, if pH increases by 1, the cyclic voltammetric curve will shift to the left by 
0.059V. In order to remove the pH effect, we change the reference electrode to reversible 
hydrogen electrode (RHE). Theoretically, RHE vs. Ag/AgCl should be calculated with 
the equation: -0.059*pH-0.197 volt, where 0.197 is the theoretical value of Ag/AgCl vs. 
standard hydrogen electrode (SHE). In this experiment, we do both experimental and 
theoretical measurements and compare their values. 
 
Table 7.2: Theoretical and experimental value of RHE vs. Ag/AgCl electrode: 
 pH Theoretical value Experimental value 
Choline Chloride 8.3 -0.69 -0.48 
Choline Acetate 8.4 -0.69 -0.63 
Choline BF4 3.5 -0.40 -0.39 
 
As shown in Table 2, in choline acetate and choline BF4, the theoretical values are 
almost the same as the experimental values (less than 60mV difference). However, in 
choline chloride, the difference is 200 mV, and thus cannot be neglected. Here, we report 
the CV curves based on the experimental value of RHE vs. Ag/AgCl electrode. 
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7.3.2  HER and CO2 reduction with gold catalyst  
 
For the hydrogen evolution reaction on gold surface (Figure 7.1), the CV curves 
are very close for choline chloride and choline acetate, and the starting points of the 
hydrogen evolution reaction are both around -0.3V vs. RHE, which is close to our 
previous results. However, with choline BF4, which is more acidic than the other two 
electrolytes, there are much larger adsorption and desorption peaks and the starting point 
for the hydrogen evolution reaction is around -0.39V. In addition, the huge Faraday peaks 
in choline BF4 might be related to multilayered double layer effect because the 
appearance of BF4
-
 ion [237, 240]. Although the choline BF4 showed the strongest 
suppression of the reaction based on the starting point of HER, the huge Faraday peaks 
revealed the highest ion activity of this electrolyte, which will not be considered as a 
good electrolyte.  
For carbon dioxide reduction in the three electrolytes with gold catalyst surfaces 
(Figure 7.2- 7.4), all of them showed a lower overpotential for carbon dioxide reduction. 
In choline BF4 (Figure 7.2), the carbon dioxide reduction started around -0.38V, and the 
oxidization and reduction peaks at around -0.25V and -0.26V demonstrated the single 
electron transfer process of choline cation. In choline acetate, the starting potential of 
carbon dioxide reduction is around -0.35V; while in choline chloride, the value is around 
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-0.32V. Although the difference among three kinds of choline based electrolytes is small, 
chloride still showed a slightly better performance in carbon dioxide reduction. 
 
7.3.3  HER and CO2 reduction with Platinum catalyst  
 
For the hydrogen evolution reaction on palladium surface (Figure 7.5), unlike on 
the gold surface, the CV curves are very close for choline chloride and choline BF4. The 
hydrogen evolution reactions in both electrolytes start at around -0.28V vs. RHE. 
However, the hydrogen evolution reaction in choline acetate starts a little bit earlier than 
the other two electrolytes, which is around -0.04V. According to our previous studies, the 
obvious Faraday peaks in all three electrolytes around 0.4V are related to the interaction 
between choline ion and catalyst surface. Although the shape of the CV curves are very 
similar to each other for all three electrolytes, choline chloride and choline BF4 are 
considered better suppression electrolytes for HER because of their lower starting points 
of the hydrogen evolution reaction. 
For carbon dioxide reduction in three electrolytes with palladium catalyst surface 
(Figure 7.6- 7.8), all of them demonstrate a lower overpotential for this reaction, the same 
as with the gold catalyst. In choline acetate (Figure 7.6), the carbon dioxide reduction 
started around -0.18V, and the oxidization peak demonstrates the interaction of the ion 
and catalyst surface. The increase of this peak reveals that after adding carbon dioxide in 
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the solution, the activity of the oxidation becomes larger. In choline BF4, the starting 
potential of carbon dioxide reduction is around -0.37V; while in choline chloride, the 
value is around -0.43V. Here, it seems that choline acetate showed better performance 
than the other two kinds of electrolytes. However, later SERS data will show that the 
acetate will be decomposed to CO at very low overpotential, which will mimic the carbon 
dioxide reduction process.  
 
7.3.4  HER and CO2 reduction with Palladium catalyst  
 
For the hydrogen evolution reaction on platinum surface (Figure 7.9) , the CV 
curves are very close for choline chloride and choline BF4, which is similar to the 
reactions on the palladium surface. The hydrogen evolution reactions in both electrolytes 
are around -0.32V. However, the hydrogen evolution reaction in choline acetate still 
starts a little bit earlier than the other two electrolytes, which are around -0.15V. 
Therefore, choline chloride and choline BF4 are considered as better suppression 
electrolytes for HER. 
Carbon dioxide reduction on three electrolytes with platinum catalyst surfaces 
(Figure 7.10- 7.12) alldemonstrate a lower overpotential for carbon dioxide reduction. In 
choline acetate, the carbon dioxide reduction started around -0.28V. In choline BF4, the 
starting potential of carbon dioxide reduction is around -0.42V; while in choline chloride, 
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the value is around -0.43V. Here, it seems that choline acetate still showed better 
performance than the other two electrolytes. However, later SERS data will show that the 
acetate is decomposed to CO at very low overpotential, which will mimic the carbon 
dioxide reduction process.  
 
7.3.5  SERS experiment with choline acetate and gold catalyst 
 
Figure 7.13 demonstrates that with a gold electrode, choline acetate will 
decompose and generate carbon monoxide (peak around 2100 cm
-1
) even without carbon 
dioxide. This process is due to the decomposition of acetate anion in the solution. This 
result explained why the current density in the CV curves changed before the current 
density change of the choline chloride and choline BF4. We did not observe the same 
results in choline chloride and choline BF4. 
 
7.4 Discussion 
 
We are very interested in why different ions have little effect on electrochemical 
reactions of hydrogen evolution and carbon dioxide reduction. Scientists discovered the 
interaction between the chloride ion and different catalyst surface [241, 242] which can 
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shift the electron transfer to more negative potential. Nevertheless, in our study, 
comparing with BF4 ion and acetate ion, the function of anions in choline based 
electrolyte can be neglected. 
We attribute this to the very low negative potential for carbon dioxide reduction 
comparing to the point of zero charge on different catalyst. The point-of-zero-charge of 
polycrystalline platinum is 0.2V vs. NHE [243], 0.33V vs. the Ag/AgCl on Au (111) [244] 
and 0.25V vs. RHE for palladium catalyst [245]. Although the point-of-zero-charge 
depends largely on several factors such as the type of electrolyte, the structure of the 
catalyst surface and the temperature, the value will not shift much with certain catalysts. 
In our experiments, the carbon dioxide reduction and hydrogen evolution reaction always 
happen at negative potential. At such potential, the catalyst surface is always negatively 
charged. Therefore, the anion cannot get close to the catalyst surface and only the choline 
caion can form a layer on the catalyst surface (Figure 7.14).  
For acetate anions, previous research does not show that acetate can be converted 
to carbon monoxide [137, 246]. However, with the monolayer of choline cations, the 
acetate can be converted to carbon monoxide very easily. We assume it is because the 
acetate anion mimics the carbon dioxide molecule in the solution, which will form an 
intermediate with choline. This intermediate will then transfer to carbon monoxide at 
much lower overpotential.  
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7.5 Conclusion 
 
In order to investigate the effect of different anions on the hydrogen evolution 
reaction and carbon dioxide reduction process with choline as cation, we have used three-
electrode electrochemical cells, 0.05M choline chloride, 0.05M choline acetate and 
0.05M choline BF4 as the electrolyte, and three different working catalysts; Pt, Pd and Au. 
Results demonstrate that for the hydrogen evolution reaction, the choline chloride and 
choline BF4 showed better performance than choline acetate. Moreover, carbon dioxide 
reduction in choline acetate seems to have lower overpotential than choline chloride and 
choline BF4. However, it is because the acetate ion is decomposed during the 
electrochemical reduction process. In addition, as ionic liquid, choline acetate and choline 
BF4 are not easy to synthesize and very expensive. Overall, choline chloride is still 
considered as the efficient and economic amine to suppress the hydrogen evolution 
reaction and promote the carbon dioxide reduction process.  
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7.7 Figures 
 
Figure 7.1 Hydrogen evolution reactions with Au electrode 
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Figure 7.2 CO2 reduction in choline BF4 with Au electrode 
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Figure 7.3 CO2 reduction in choline chloride with Au electrode 
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Figure 7.4 CO2 reduction in choline acetate with Au electrode 
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Figure 7.5 Hydrogen evolution reactions with Pd electrode 
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Figure 7.6 CO2 reduction in choline acetate with Pd electrode 
 
 
 
 
 
 
148 
 
 
Figure 7.7 CO2 reduction in choline chloride with Pd electrode 
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Figure 7.8 CO2 reduction in choline BF4 with Pd electrode  
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Figure 7.9 Hydrogen evolution reactions with Pt electrode 
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Figure 7.10 CO2 reduction in choline acetate with Pt electrode 
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Figure 7.11 CO2 reduction in choline BF4 with Pt electrode 
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Figure 7.12 CO2 reduction in choline chloride with Pt electrode 
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Figure 7.13 SERS of pure choline acetate with gold electrode 
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Figure 7.14 Mechanism illustration 
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Chapter 8 Conclusion and Recommendations 
 
8.1 Conclusion 
  
Artificial photosynthesis of useful carbon products from carbon dioxide remains a 
critical engineering challenge in the electrochemistry field. In aqueous environment, two 
key factors limiting the development in this challenge: the low overpotential for water 
electrolysis and the high overpotential for CO2 reduction.  
In this work, several electrochemistry techniques combined with SERS spectra 
experiments were utilized to verify that choline based electrolyte, one kind of quaternary 
ammonium salt, achieved both HER suppression and overpotential decrease for CO2 
reduction.  
In particular, several new findings resulted from this study. First, the electrocatalysis of 
choline chloride electrolyte with different catalytic electrodes was investigated in a 
specially designed three-electrode cell. When comparing the CV figures among 0.5M 
choline chloride solution, sodium bicarbonate, buffer solution and sulfuric acid, with 3 
catalytic electrodes (Au, Pd and Pt), we showed a correlation between hydrogen 
adsorption and hydrogen evolution reaction. The choline chloride electrolyte showed the 
strongest suppression in hydrogen adsorption. Its hydrogen adsorption peaks were nearly 
invisible while HER potential was pushed far lower than other electrolytes. SERS spectra 
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indicated that choline chloride‘s high suppression of the HER could be contributed by the 
formation of a thin layer of choline cations on catalytic electrodes that blocks the 
adsorption of H ion and therefore suppresses the hydrogen evolution reaction. Moreover, 
experiments of formic acid/choline chloride solution indicated that the choline chloride 
layer targeted the hydrogen adsorption instead of blocking all reactions on the surface. It 
was shown that catalysts‘ surface were still active for other molecules, such as negatively 
charged formate, in the mixed electrolyte. 
Second, we have studied CO2 reduction using choline chloride with different metal 
catalysts. Cyclic voltammograms show that the presence of choline chloride significantly 
reduced the overpotential, a key challenge leading to low efficiency in CO2 conversion, 
by suppressing the hydrogen evolution and lowering CO2 conversion potential; therefore, 
the competition between water electrolysis and carbon dioxide conversion reactions was 
reduced.  
Third, the stripping voltammetry and SERS experiments help identifying the major 
products with different catalytic metals in choline chloride. The results have determined 
that the CO evolution dominates on platinum, platinum, ruthenium and gold catalysts, 
and formic acid is the dominating product on palladium catalyst. 
Fourth, after comparing different choline based electrolytes with original choline 
chloride during the process of the hydrogen evolution reaction and carbon dioxide 
reduction, we discovered that different anions have little effect on both of these processes. 
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Choline chloride is still considered overall as the most efficient and economic co-catalyst 
to promote the desired reactions and suppress the non-desired. 
 
8.2 Recommendations 
 
There is still much work to be done to improve the understanding of electrochemical 
reduction of CO2 into useful products. A variety of measurement techniques, such as SFG, 
could be used to examine the catalyst surface during the reduction process and provide 
more details about the mechanism of the CO2 reduction. Moreover, HPLC or GC can be 
applied to detect small amounts of products in CO2 reduction process. 
Specifically, the details of the mechanism on other catalysts could be studied as well. 
We have analyzed the HER and CO2 mechanism on gold catalyst in detail, and it is 
because gold is one of the limited metal catalysts that can cooperate with SERS technique. 
However, the mechanism on other catalysts is, at least, as important to be examined in 
depth. If SFG, for example, can be used, then several other kinds of metals can be studied. 
In addition, more products might be formed on the catalyst surface. Although we 
discovered the main products on different catalysts using electrochemistry methods, other 
techniques such as HPLC and GC can also be utilized to analyze the formation of other 
byproducts. 
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Finally, some kinetic simulation could be also conducted with our experimental data, 
perhaps through collaboration with other research groups with expertise in kinetic 
process modeling. The topics related to reaction mechanism, diffusion process, double 
layer region and active catalyst spots are all intrigue to be explored. 
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Appendix A Experiment protocol 
 
Gold electrode surface cleaning and polishing 
 
1. Before adding other metal catalysts on gold supporting electrode, the electrode should 
be cleaned and polished. 
2. Wiping the gold surface electrode with a Kimwipe® and rinsing with Millipore® 
water 
3. Use 1000/1500 grit paper with diamond colloid suspension (yellow/red/blue). Note to 
make figure eight motion when press the gold electrode on the grit paper  
4. Clean the gold surface again with Millipore® water. If the surface is still not clean 
enough, methanol can be used.  
 
Catalyst ink preparation procedure 
 
1. Weight 5.6mg metal black with a small a glass vial using electronic balance 
2. Add 1g Millipore water. (Make sure the monitor is calibrated for resistivity around 
18.2 MΩ•cm) 
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3. Place the glass vial into the sonicating bath and sonicate for at least 8 minutes 
4. Place 12.5 uL of catalyst ink on the gold electrode surface. Be sure the gold electrode 
is well covered with the catalyst drop  
5. Put the gold electrode under air to dry for one hour or longer. If the drying time is not 
enough, the catalyst will fall off during experiment For different catalyst ink, the drying 
time might be vary. 
 
Cleaning the three-electrode glass system  
 
1. After each electrochemistry experiment, the three-electrode glass system should be 
cleaned very carefully 
2. Rinse the glassware with Millipore water. 
3. Put the glass system in an acid bath containing 50%/50% sulfuric acid and Millipore 
water. Note the acid bath should be changed every three to six months.  
4. Keep the glassware in the acid bath for at least one day. 
5. Before using, carefully clean the three-electrode glass system with Millipore water 
 
Counter electrode preparation 
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1. Two kinds of counter electrodes were used in this experiment: gold counter electrode 
and platinum counter electrode 
2. Attach a 25x25mm platinum/gold mesh (size 52) to a 5 inch platinum/gold wire 
(99.9%, 0.004 inch diameter) 
3. Let the wire go through a glass joint. 
4. Slide a red silicone septum over the wire.  
5. Attach a Teflon top to the wire and tighten it with the glass joint. 
 
Electrolytes preparation 
 
1. Weight the desired amount of crystal structure electrolyte materials using beaker. The 
crystal electrolyte materials used in the experiments include choline chloride, choline 
acetate, choline BF4, and sodium bicarbonate. 
2. Add 100mL of Millipore water into the beaker and let the crystal to dissolve. 
3. Buffer solution is made of borox, hydrochloric acid and Millipore water. The 
hydrochloric acid is added by a burette to arrange the pH of the buffer solution. 
4. Sulfuric acid solution is made by adding the desired amount of concentrated sulfuric 
acid into 100mL of Millipore water. 
5. Choline chloride solution with different concentrated formic acid is prepared by 
adding formic acid in choline chloride with a burette. 
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6. The pH of each electrolyte is measured with the electronic pH meter. Note that we 
should record the pH after it stabilizing.  
  
Reversible hydrogen electrode calibration 
 
1. Prepare the targeted electrolyte solution and fill the cell and reference electrode 
reservoir with this solution, 
2. Place the reference electrode in the reference electrode reservoir and attach the 
reference electrode lead from the potentiostat to the reference electrode, 
3. Attach both the working electrode lead and the counter electrode lead from the 
potentiostat to the wire attached to the platinum mesh counter electrode of the 
electrochemical cell, 
4. Bubble hydrogen under the counter electrode in the cell, 
5. Measure the open cell potential difference between the reference electrode and the 
counter electrode until it stabilizes. It usually takes 10 minutes.  
6. This value can then be used to convert all potentials to the absolute scale of the RHE. 
  
Hydrogen evolution reaction procedure 
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1. Assemble the three-electrode system based on Figure 4.1. Remove the right glass cap 
and put the counter electrode there. Leave the reference electrode reservoir open. 
2. Pour in the electrolyte through the reference electrode reservoir to avoid the 
formation of the bubble in the luggin capillary. 
3. Place the Ag/AgCl electrode in the reference electrode reservoir. 
4. Attach an argon line to the adapter. 
5. Attach a control line with a valve to the inlet on the glass cell. Keep the valve close. 
6. Attach an outline to the outlet on the glass cell. 
7. Turn on the argon cylinder and slowly open the rotameter to let the argon go through 
the sparging tube into the cell but not the inlet.  
8. Begin to bubble argon through the electrolyte at for at least 20 minutes.  
9. Turn on the valve on the control line. 
10. Screw the working electrode into a RDE controller, which is connected to a 
potentiostat. 
11. Remove the glass cap on the top of the cell and let working electrode go through it 
and contact the electrolyte in the cell. 
12. Scan between -1.5V to 1V at 75mV/s for at least 30 cycles. 
13. If the CV is stabilized after 30 cycles, scan again at 10mV for three cycles between 
desired potential range. The CV obtained here demonstrates the typical HER CV. 
14. For testing the reaction activity of formic acid in choline chloride, after gaining the 
typical HER CV, different amount of formic acid is added into the electrolytes (from 
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the smallest amount to highest amount). 
15. Repeat the procedure 12 and 13 to gain the CVs of formic acid in choline chloride. 
 
Carbon dioxide reduction experiment 
 
1. After HER procedure, turn off argon cylinder and the valve on the control line. 
2. Turn on the CO2 and bubble it into the three electrode cell for at least 20 minutes. 
3. Scan between the desired potential range at 10mV/s. 
4. Compare the CVs with HER. If current and/or faradaic waves increase, there is the 
carbon dioxide reduction region.  
 
Chronoamperometry experiment  
 
1. With the setup the same as the HER experiment, chronoamperometry is performed in 
which the potential was held constant for at least 6 hours.  
2. There two kinds of electrolyte used in the experiment: 0.1 M formic acid and 0.1M 
formic acid with 0.5M choline chloride  
3. Potential is held at 0.2 V vs RHE for formic acid oxidation.  
4. Sometimes, working electrode is set to rotate at 2000 rpm in order to remove carbon 
166 
 
dioxide bubbles formed at the catalyst surface during formic acid oxidation.  
 
CO stripping experiment 
 
1. After CO2 reduction experiment, CO stripping is performed. 
2. Potential is held at the value where carbon dioxide reduction dominated and little 
hydrogen evolution reaction is seen (based on CVs obtaining from HER and CO2 
reduction) for 20 minutes.  
3. While hold the potential, turn off the CO2 cylinder and turn on the argon. 
4. Blow argon into the cell for at least 20 minutes. 
5. Scan between the holding potential to 1V at 5mV/s or 10mV/s for three cycles.  
6. The first scan cycle will show the CO peak, while the second and third will not show. 
 
Formic acid oxidation experiment 
 
1. For fomic acid oxidation (stripping), electrolytes with different concentration of 
formic acid (0.001M, 0.01M and 0.03M) are prepared.  
2. After the blank cyclic voltammetry taken by bubbling argon into the 0.5M choline 
based electrolytes, different amount of formic acid is added into the electrolyte. 
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3. Cyclic voltammetry is taken again and different cyclic voltammetry figures are 
compared to acquire the formic acid reaction peak in the electrolyte.  
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